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Abstract 
Electrocoagulation is a water purification technique that uses electrical energy to 
dissolve metals, destabilise colloidal suspensions and thus cause the flocculation 
of contaminants. The aim of this project was to investigate the electrochemistry of 
aluminium dissolution in neutral electrolytes typical of natural waters and improve 
the electrocoagulation process performance, by considering the effects of 
electrode surface pre-treatment and solution composition. Humic acid and NaCl, 
which represent the main contaminants, were added in various quantities to an 
inert sodium sulphate solution. 
The electrochemical behaviour of aluminium was investigated by various 
electrochemical means. Under potential control, aluminium exhibited very low 
dissolution currents in solutions free of chloride ions due to a passivating oxide 
film on its surface. The dissolution rate significantly increased in the presence of 
pitting inducing chloride, but was attenuated by the addition of humic acid at 
concentrations typical of natural waters. 
Galvanostatic measurements in chloride-free solutions of `mirror finish' electrodes 
showed passivation, indicated by a continuously increasing electrode potential, 
as result of a thickening passive film. However, for electrodes with a rough 
surface an initial electrode potential rise was followed by a dramatic potential 
decrease to relatively low steady state values due to `spontaneous 
depassivation'. 
Electrochemical impedance spectroscopy revealed a decrease of the passive 
layer thickness by spontaneous depassivation during galvanostatic dissolution. A 
mathematical model of an electrocoagulation reactor, describing the distribution 
of ionic species, predicted an acidic pH at the anode due to the precipitation of 
A13+ releasing H+ ions enabling the local dissolution of the passive film. 
The concentration of dissolved aluminium(III) was dependent on solution 
composition. In solutions with relatively high chloride and humic acid 
concentrations super-faradic yields of up to 1.7 were observed, probably due to 
localised net-current effects. Using the knowledge developed in this project a 
bench-scale electrocoagulation plant was operated successfully showing a 
removal of more than 90% of total organic carbon from the original solution. 
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1. Introduction 
1.1. The Production of Drinking Water 
Water is one of the most essential components of industrial processes and the 
sine qua non of everyday life. A sufficient purification is crucial to provide the 
quality standards required, for example as resource for an industrial production 
process or as part of the human diet. 
There is a whole range of water treatment methods; their specific design 
depends on raw water characteristics and subsequent usage. This thesis focuses 
on the production of potable water from river and moorland sources. Typical 
impurities found in these natural waters are microbial contaminants, such as 
bacteria, algae and protozoa, natural organic material (NOM), inorganics such as 
clay and soil, minerals and metal compounds. The majority of these are present 
as colloidal material, providing the water with a distinct brown colour. 
The term "natural organic material" (NOM) covers components that are produced 
by natural digestive processes, such as the decomposition of vegetation. It 
consists mainly of anionic polyelectrolytes with a low to moderate molecular 
weight (Letterman, R. D. 1999). 
The major part of these impurities may be removed by a process called 
coagulation, in which, conventionally, hydrolysed aluminium or iron salts are used 
to induce the agglomeration of dissolved and particulate matter, so that the 
separation from a bulk solution becomes possible. 
raw water coagulant (Alle or Fell') + pH adjustment 
treated water outlet Iw1 ýý 
sludge outlet sludge outlet 
Figure 1-1: Schematic of a conventional coagulation process 
As shown in Figure 1-1 , in the conventional process a raw water stream 
is mixed 
with the coagulant, e. g. an aqueous solution of A12(S04)3 at acidic pH, and an 
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acid or base to adjust the pH at a value of ca. 6.5. The coagulant destabilises the 
colloidal suspension causing the contaminant molecules to stick together and 
form larger entities ('flocs'). Adjusting a neutral pH of this solution leads to the 
formation of aluminium precipitate particles, on which destabilised contaminants 
may be adsorbed and `swept out'. In the next step, the suspension flows into a 
flocculation chamber, where a stirrer promotes particle growth by increased 
particle contact. It then enters a large circular clarifier, where the particle sludge 
is separated from the clear supernatant. 
This process is well developed and mature; it has been in use for several 
decades. However, it requires a large amount of liquid chemicals, such as 
coagulant solution, acid and base, to be delivered to site and stored in large 
tanks. They pose serious health risks and require appropriate safety measures 
for storage and handling. 
Electrocoagulation is an alternative technique, that does not involve the addition 
of liquid coagulants. It employs the dissolution of metals by electrochemical 
means and exploits the influence of dissolved ions on the colloidal stability of 
suspended particles and dissolved organic matter in water. Such a device 
basically comprises a pair of electrodes in an electrochemical reactor, through 
which the raw water is pumped. The anode, for the work in this project made of 
aluminium, is dissolved electrochemically by applying a constant anodic current 
resulting in the formation of aluminium ions, that due to the neutral pH 
subsequently precipitate as aluminium hydroxide. At the cathode hydrogen gas is 
evolved, which can assist the flocculation by promoting particle contact. A 
subsequent clarification step provides the separation of sludge and treated water. 
Hence, the coagulant is provided in a compact and solid rather than bulky, liquid 
form, which obviates the need for sophisticated storage facilities. Only electrical 
energy is used to provide metal dissolution. Electrode plates have a normal 
lifetime of several weeks, before they need to be replaced. The replacement of 
consumed electrode plates is often the only regular maintenance procedure. 
Therefore, the equipment is compact and simple to maintain. 
The feasibility of this process has been shown previously (Jiang, J. Q. et al. 
2002). However, it generally suffers from the fact, that natural waters have a low 
conductivity and are of neutral pH. This results in a significant IR drop between 
2 
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the electrodes and the growth of a passive oxide/hydroxide layer on the anode. 
This layer may inhibit the dissolution of the electrode material, so that very high 
electrode potentials are required to maintain a constant dosage of aluminium 
ions. As a result, high cell voltages are likely to develop, that increase the 
electrical energy demand and thus threaten the economic viability of the process. 
1.2. Project Objectives 
The feasibility of electrocoagulation processes has been proven for a range of 
different water types. As will be shown in chapter 2.6, there is a large amount of 
literature reporting a successful treatment mainly for wastewater applications at 
laboratory or pilot scale. However, there is very little information about the 
electrochemical performance of the process, which is important to determine its 
economic viability. Experimental observations are often not explained sufficiently 
and there is still a lack of understanding of the fundamental electrochemical 
processes, i. e. the dissolution of the metal anode amid the growth of a passive 
layer and the effect of specific solution contaminants on this. 
The general aim of this project is to develop a simple and cost-effective 
electrochemical water treatment method. The addition of chemical substances 
and introduction of complex procedures needs to be avoided. Therefore, in order 
to obtain sufficient information for a comprehensive assessment of existing 
electrocoagulation techniques and the development of an improved process, the 
following project objectives were defined: 
9 Development of suitable means to control the thickness of the passive layer 
on aluminium electrodes with the aim of obtaining maximum metal dissolution 
at minimum energy demand. 
o Determination of the controlling factors for the growth of passive layers in 
solutions typical for natural waters. 
o Elucidation of the effect of electrode passivation on the time-dependent 
electrochemical behaviour (electrode potentials and cell voltage) and 
metal dissolution rate. 
" Employing these means, assessment of the electrocoagulation process 
performance at laboratory scale with respect to electrochemical parameters 
(cell voltage, dissolution rate) and treatment parameters (removal of 
3 
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contaminants). 
" Assessment of such a process under industrially relevant conditions at pilot 
plant scale. 
1.3. Key Tasks 
In order to meet the project objectives the following tasks were defined: 
" Characterise the electrochemical behaviour of aluminium under potential 
control in inert electrolyte solution by linear potential sweep and cyclic 
voltammetry monitoring current response. 
" Examine the effects of the main raw water components (sodium sulphate, 
sodium chloride and humic acid), bulk material purity and surface roughness 
on the electrochemical behaviour of aluminium: 
- By cyclic voltammetry monitoring current response. 
- At constant potential monitoring current response. 
- At constant current monitoring potential response. 
" Investigate the effect of solution components and applied potential on 
electrochemical impedance behaviour and estimate the corresponding 
passive layer thickness. 
" Investigate the effect of galvanostatic electrode dissolution on the passive 
layer thickness by impedance spectroscopy for different bulk material purities 
and varying degrees of surface roughness. 
" Model the distribution of all existing ionic species in a typical continuous 
electrocoagulation reactor. 
" Develop a qualitative model of the dissolution process and the observed 
electrochemical behaviour. 
" Based on the results of the previous tasks suggest methods of electrode 
preparation to obtain maximum electrode dissolution at minimum energy 
demand. 
" Determine the current efficiency of electrode dissolution. 
" Develop a continuous electrocoagulation process and characterise it 
4 
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regarding its time-dependent electrochemical behaviour (electrode potentials 
and cell voltage), dissolution rate and removal of contaminants using varying 
concentrations of contaminants and at varying current density. 
9 Scale-up the continuous electrocoagulation process to pilot plant scale and 
assess its feasibility under industrial conditions using a natural raw water 
stream. 
The project was carried out in close collaboration with Yorkshire Water, Bradford 
(UK), and involved the operation of a pilot plant at an existing water treatment 
site. 
1.4. References 
Jiang, J. Q., N. Graham, et al. (2002). "Laboratory study of electro-coagulation- 
flotation for water treatment" Water Research 36: 4064-4078. 
Letterman, R. D. (1999). "Water Quality and Treatment". 5th Edition, McGraw-Hill, 
New York. 
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2.1. Electrochemical Fundamentals 
Electrochemical processes are heterogeneous chemical reactions that involve 
the transfer of charge across an interface between an electronic conductor 
(electrode) and an ionic conductor (electrolyte). The general form of such 
processes is given by equation [2.1], where the redox couple 0 and R denote the 
oxidised and reduced components, respectively: 
0+ ne cathodic, 
kL R 
anodic, kA 
[2.1] 
The oxidised (0) and reduced (R) components may be in solution, in which case 
they must be transported to and from the electrode surface, if the reaction is to 
be sustained, or may be surface components, such as a depositing or dissolving 
metal (R) or oxide film (0). The transport of reactants and/or products in the 
overall electrode process may limit the reaction rate when the former becomes 
slow compared with the inherent electron transfer rate at the interface. 
2.1.1 Transport Processes in Electrochemical Systems 
The flux Ni of charged electro-active solute species i with mobility u; (u; =0 for 
uncharged species) to an electrode surface, is due to the vectorial sum of: 
a) their migration in an electric field VO; 
b) diffusion in a concentration / activity gradient vc ; 
c) convection due to the local fluid velocity v: 
Ni =-u, ciV O-D; V c; + c; v [2.2] 
where the ionic mobility, u;, is the velocity per unit electric field and is related to 
the diffusion coefficient (D; ) by the Nernst-Einstein equation for species with z 
elementary charges: 
ui = D; 
zF [2.3] 
RT 
According to Faraday's law, the current density is then given by: 
j =Fy z Ni [2.4] 
i 
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where current densities at an electrode of geometric area, A, are related to the 
current I by: 
j=IIA [2.5] 
When concentration gradients can be ignored, substitution of equation [2.4] into 
equation [2.2] gives Ohm's law: 
j =-a VO [2.6] 
where 
6=F1: Iz; I u, c; [2.7] 
is the conductivity of the solution, and where the convective terms sum to zero by 
the electro-neutrality requirement: 
Yzi 
"ci =0 
i 
(Walsh, F. C. 1993) 
[2.8] 
2.1.2 Electrochemical Thermodynamics and Kinetics 
The equilibrium potential E° of a electrochemical reaction is apart from the 
number of electrons involved, governed by its Gibbs free energy LXG following the 
equation: 
AGO = -zFE° [2.9] 
where z denotes the charge number of reaction and F the Faraday constant. 
Equilibrium potentials E for the case of non standard conditions are determined 
by the Nernst equation: 
E=E°+RT In YO[ýý 
zF 7R[R] 
[2.10] 
which includes the gas constant R, the temperature T, and the concentrations of 
the oxidised form [0] and reduced form [R] combined with the activity coefficients 
for Oand R yoandyR. 
Faraday's law gives the rate of an electrochemical reaction r. It is mainly 
dependent on the current density j: 
7 
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r= 
I=i [2.11] 
AzF zF 
At electrode potentials more positive than that given by equation [2.10], the 
electro-active species R, if present, will be oxidised; conversely, at potentials 
more negative than EO/R, species 0, if present, will be reduced. Hence, at 
electrode potentials other than that corresponding to the equilibrium value, an 
oxidation or reduction current, a direct measure of the reaction rate would result. 
The driving force at an electrode potential E, causing the reaction to depart from 
equilibrium, is defined as the overpotential: 
11=E-EOýR [2.12] 
By arbitrary convention, positive overpotentials give rise to positive oxidation 
currents and negative overpotentials give rise to negative reduction currents. 
The following Butler-Volmer equation is often used to describe the relationship 
between the current densities and overpotentials for `simple' reactions: 
"zF C, (1-a)z. F co J= Jo Ro exp RT 
t 77 -c ,o exp - RT 
[2.13] 
R, bulk °, bulk 
where jo is the exchange current density, a measure of the rate of the reaction 
under dynamic equilibrium conditions. 
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Figure 2-1: Example of the Butler-Volmer equation [2.13] plotted for a reaction with jo =1A m-2. 
Figure 2-1 shows an exemplary plot of the Butler-Volmer equation for 
overpotentials from +0.2 V to -0.2 V and corresponding current densities. 
Transfer coefficients and exchange current densities can be determined for each 
electrode reaction by measuring the steady state response to an overpotential 
swept in time between appropriate limits of electrode potentials. The measured 
data is presented in so-called Tafel-plots by plotting log j against n. These values 
are then obtained from plots of the Tafel equation: 
17 _ 
In(] 0) 
, log J0 + 
In(10) 
, log j [2.14] 
(E - EOIR) =± 
In(10) 
log 
1j1 
[2.15] 
ß Jo 
The coefficients are used to determine the Tafel coefficient ß, that summarizes 
the parameters concentration quotient co / cbulk and transfer coefficient a, as well 
as several constants, either for the reduction or oxidation reaction. In this way the 
current density can be calculated as a function of overpotential, according to a 
shortened form of equation [2.13] (Tafel equation), that is valid at sufficiently high 
overpotentials of Jill > 0.1 V: 
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ii =± Jo. i exp(±ß, i1, ) [2.16] 
An important parameter to describe the performance of an electrochemical 
reaction is the current efficiency 0. It describes the fraction of current used for 
the desired reaction. A low current efficiency indicates that a large fraction of 
applied current is spent for loss reactions. It is given by the quotient of the partial 
current density for the desired reaction jk over the sum of all partial current 
densities j;: 
Jk 
ji 
(Walsh, F. C. 1993) 
[2.17] 
2.1.3 Electrochemical Reaction Coupled to Mass Transport 
The electron transfer and mass transport processes are linked in series; i. e. 
transport of reactants must occur before charge transfer can occur. At low 
overpotentials, transport rates are normally fast compared with the 
electrochemical reaction kinetics, i. e., electron transfer is the rate determining 
step. However, with increasing overpotential, causing an exponential increase of 
current density and reaction rates according to equation [2.13], the reactant is 
progressively depleted at the interface and a concentration gradient develops in 
the boundary layer; the rates of electron transfer and mass transport are 
comparable and both processes control the rate of the overall reaction, (mixed 
control). As the overpotential is increased further, the surface concentration of 
electro-active species tends to zero, and in that limit, the current density 
becomes independent of the potential, the reaction rate being determined wholly 
by the mass transport rate (Figure 2-3). 
In aqueous electrochemical systems, supporting electrolytes are normally added 
to increase the solution conductivity, thereby decreasing the ohmic potential drop 
between electrodes, to make the current density distribution more uniform in 
reactors with larger electrodes, and possibly to adjust the pH. For charged 
electro-active species, the mass transport limited current will be lower in the 
presence than in the absence of supporting electrolyte, since increasing the 
electrode potential does not enhance the migrational component of the transport 
rate of electro-active species, most of the current being carried in the bulk 
10 
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solution by the supporting electrolyte. At the electrode, the net flux of all species 
is zero except for that of the reactant, so that in the diffusion layer, the supporting 
electrolyte ions and the reactant counter ions have zero net velocity, adopting 
concentration distributions so that migration and diffusion fluxes cancel. Beyond 
the boundary layer, ohm's law (equation [2.6]) applies in a well-stirred bulk 
electrolyte in which there are essentially no concentration gradients; convection 
cancels the migrational flux of the supporting electrolyte and increases that of the 
reactant. 
In the presence of excess supporting electrolyte, the migrational term in equation 
[2.2] may be neglected; convection has the effect of thinning the hydrodynamic 
boundary layer at the electrode/electrolyte interface, so that under transport 
controlled conditions, the concentration gradient increases, thereby increasing 
the rate of diffusion of electro-active species through the boundary layer. 
According to Fick's first law for one-dimensional steady-state diffusion 
(dc/dt =0), the diffusional flux I to a plane or surface is proportional to the 
concentration / activity / chemical potential gradient existing across that plane: 
ac N-_D 
r ax 
[2.18] 
where the proportionality constant is the diffusion coefficient D; for species i is 
assumed to be independent of concentration. 
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Figure 2-3: Example of current density - 
electrode potential relationship, exhibiting 
kinetic, then mixed and then transport control, 
with increasing magnitude of overpotential. 
The negative sign in equation [2.18] indicates that transport occurs down the 
concentration gradient. Nernst postulated that to a good approximation, the 
2. Literature Review 
concentration gradient in equation [2.18] could be linearised, such that: 
c 
(5N 
[2.19] 
where c; and ci, X=o are the bulk and surface concentrations, and 8N is the so- 
called Nernst diffusion layer thickness, a mathematical convenience, and not 
equivalent to the hydrodynamic boundary layer thickness (OH), to which it may be 
related. In the limiting case, c;, X=o -> 0, so that: 
Ni ci, -k, ci, 
oo 
(5N 
[2.20] 
where km is the mass transport rate coefficient. Then the mass transport limited 
current density 00 is linearly related to the concentration of species i in the bulk 
solution (c; ): 
JL = zFN, = zF 
D 
`. ci = zFk, nci DN 
[2.21] 
Hence, the general form of the current density - electrode potential relationship is 
as displayed in Figure 2-2. It shows the effect of increasing mass transport rates 
on current density. 
(Newman, J. et al. 2004) 
2.1.4 Diffusion Coupled to Homogeneous Reactions 
In systems, in which electrochemical reactions are coupled to (fast) 
homogeneous chemical reactions, solution phase reactions within the diffusion 
layer will modify the concentration-distance profile, the flux to or from the 
electrode surface and hence the current density. 
The differential conservation law arises from a material balance on a small 
electrolyte volume element: 
dc, 
_ --VNl dt 
[2.22] 
The last term ri is the rate of homogeneous chemical reaction involving species i, 
occurring simultaneously with its electrochemical reaction. Even in the steady 
state, concentration profiles will exhibit curvature, rather than the linear profile(s) 
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of the simple Nernst diffusion model. 
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Figure 2-4: Transport processes between electrode surface and bulk solution 
In the absence of a chemical reaction (i. e. r; = 0) substitution of equation [2.2] into 
equation [2.22] gives: 
ac; 
= D1v2cl -u; v(c1V0)-vvc; at 
[2.23] 
When excess supporting electrolyte is present, the migrational term can be 
neglected, as can the convection term at short times, resulting in Fick's second 
law, which is given in the following equation: 
aý; 2 =D; v c, at 
[2.24] 
The equations above are derived under the assumption that no electric field 
affects diffusion. To include the electrical effect on the particle's motion the 
Stokes-Einstein equation was set up, which presumes that the velocity of an ion 
is proportional to the sum of all forces acting on it. Hence, the convective ion 
velocity v; is given by: 
vi = -u, (Vu; + ZFV0) 
[2.25] 
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where u; is the ion mobility, p; is the chemical potential and 0 denotes the electric 
potential. In order to obtain a relation that includes the flux J along a distance x, 
an ideal solution is assumed: 
vpi = 
RT 
vc1 
c. 
[2.26] 
This can be combined with equation [2.24] to give the Nernst-Planck equation: 
J; (x) _ -D; 
`ýc1(x) 
- z; FD1 
c` `fo(x) + c, (x)v(x) [2.27] ax RT ax 
(Cussler, E. L. 1997) 
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Figure 2-5: Contributions to overall cell voltage assuming one reaction at each electrode and a 
homogeneous distribution of ionic species throughout the electrochemical reactor 
The overall cell voltage U of an electrochemical reactor is given by: 
0 U=-(EA-Eco0 +rig. -is+Os [2.28] 
Where E°A and E°c are the respective reversible potentials for the electrode 
reactions at anode and cathode as given by the Nernst-equation [2.10], nA and nc 
are the overpotentials at anode and cathode necessary to drive the respective 
electrochemical reaction at these electrodes (equation [2.12]) and Os is the 
potential in solution as measured with a reference electrode. The solution 
14 
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potential becomes more negative the further away the reference is placed from 
the anode, since the potential is subject to an ohmic potential drop: 
0O5_-J_9 6 [2.29] 
As can be seen from equation [2.29], the potential drop is proportional to the 
applied current density j and the inter-electrode gap g, but inversely proportional 
to the electrolyte conductivity a. In practice, one aims at diminishing this drop to 
limit the electrical energy demand of an electrochemical process, which can be 
achieved by reducing the gap or increasing the conductivity. These relationships 
are displayed in Figure 2-5. 
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2.2. Aluminium Passivation and Dissolution 
2.2.1 Behaviour of Aluminium in Aqueous Solutions 
In the project presented here electrocoagulation reactors employing the 
electrochemical dissolution of aluminium electrodes are investigated. The 
behaviour of aluminium in aqueous solution can be predicted by thermodynamic 
calculations and depends greatly on the pH value and the ionic concentration. 
The project involves the treatment of water from natural sources, which show 
typical pH values in a neutral range of 6 to 8. Figure 2-6 presents the activity of 
various A13+ species in aqueous solution as a function of pH. 
.- 
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Figure 2-6: Activity-pH diagram for AI(III) 
At a pH of about 6.3 the overall solubility of aluminium(Ill) is at its lowest point. 
Therefore, the precipitation of ionic species is most likely at this neutral pH. For 
the purpose of coagulation the formation of insoluble AI(OH)3 is preferred. 
However, it is often observed as part of a passivation layer on the electrode 
surface, which may inhibit the dissolution of aluminium. 
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Potential-pH-diagrams are often used to reveal the appearance of different ionic 
species as a function of electrode potential and the pH of the electrolyte solution. 
The potential-pH diagram for aluminium at an activity of 10-3 mol m-3 and a 
temperature of 298 K is shown in Figure 2-7, predicting that insoluble species, 
namely A1203 and AI(OH)3, are formed at neutral pH and above ca. -2.1 V (SCE). 
To produce soluble A13+-ions it would be necessary to decrease the pH to a value 
lower than 5. These are then formed above a potential of -2.0 V (SCE). 
2.2.2 Electrode Reactions 
In an electrocoagulation reactor with an aluminium anode and an inert cathode 
aluminium is dissolved electrochemically at the anode including passivation 
reactions, as depicted in Figure 2-7, and hydrogen evolution by water electrolysis 
takes place at the cathode. In addition, dissolved oxygen may be oxidised at the 
electrodes provided its presence in solution. Hence, at neutral pH the 
electrochemical reactions and the correspondent current densities are likely to be 
as follows: 
Anode: 
JA A13+ Al --> A/-" + 3e- 
[2.30] 
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)A A1203 2A1 + 3H20 > Al2O3 + 6H+ + 6e- [2.31] 
IAAI(OH)3 
JA H2 
102 
Cathode: 
Al + 3H20 ) AI(OH)3+ 3e- 
2H20 + 2e- > H2 + 20H- 
02+2H20+ 4e- >40H 
[2.32] 
[2.33] 
[2.34] 
]CH2 2H20 + 2e- > H2 + 20H- [2.35] 
]CO2 02 + 2H20 + 4e- > 40H- [2.36] 
At neutral pH, dissolved aluminium ions precipitate homogeneously due to their 
low solubility (Figure 2-6): 
Al" +3H20- > Al(OH)3+ 3H+ [2.37] 
Which of these reactions take place and to what extent, mainly depends on the 
solution pH and the applied electrode potential according to the potential-pH 
diagram shown in Figure 2-7. 
The net current density actually applied to the reactor is calculated as sum of the 
partial current densities mentioned above. For the anode it is given by: 
AAA 
. net 
= jAi; i 
+ ýHz +o 
[2.38] 
where jAAI; j represents the current densities of aluminium species generated by 
reactions [2.30] to [2.32]. Because of being an oxidation reaction, it is of opposite 
sign to the reduction current densities jAH2 and j' 02. Hence, the magnitude of the 
net current density net is smaller than j'4AI; j, if dissolved oxygen is in solution and 
the electrode potential is sufficiently negative for hydrogen evolution to occur. 
Therefore, the current efficiency would be greater than one, if defined as: 
= 
Jar; i 
'net 
[2.39] 
Applying Faraday's law to a continuous flow reactor leads to the concentration of 
dissolved AI3+ reaching the bulk solution, if no solid phase at the electrode 
surface is formed and a current efficiency of one is assumed: 
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A 
C(Al") = 
jAla` " 
AA 
" 
MAI 
3F "V [2.40] 
where c(A13+) is the concentration of AI3+ produced at the anode, jAAI3+ is the 
current density at the anode from reaction [2.30], and AA is the electrode surface 
area. MAI denotes the molar mass of aluminum, F the Faraday constant, and 
V the volumetric flow rate. 
2.2.3 Properties of the Passive Layer 
Aluminium is a very reactive metal and easily oxidised (Diggle, J. W. et al. 1976), 
as can be seen from the very negative Gibb's energy of formation for the 
aluminium oxide and hydroxide (OG°f, AI(OH)3 = -1.138x106 J mol-1; AG°f, AI203 = 
1.582x106 J mol-' (Bard, A. J. et al. 1985)). When surrounded by a neutral 
aqueous solution it very quickly forms a passive oxide/hydroxide film that inhibits 
any further reaction. The reactions taking place are thought to be of 
electrochemical nature, with oxidation reactions [2.31] and [2.32] taking place 
throughout the metal surface and the reduction reaction [2.33] occurring at 
impurity grain boundaries (Diggle, J. W. et al. 1976). Due to its high reactivity, 
aluminium even passivates, when exposed to air, reacting with the inherent 
humidity. 
The composition of the film mainly depends on temperature. At ambient 
conditions it is characterised by a duplex structure of poorly crystalline 
pseudoboehmite (A1203. H20) on the metal surface with a layer of amorphous 
bayerite (AI(OH)3) on top. When aluminium with a fresh, unpassivated surface is 
immersed in an aqueous solution this film grows in two stages: 
1. Induction period with the growth of amorphous bayerite AI(OH)3. 
2. Formation of pseudoboehmite. 
Provided elevated temperatures, the bayerite will be subject to crystallisation 
(Diggle, J. W. et al. 1976). 
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surface after immersion in distilled water for 16 anodic film formation on aluminium (Bard, A. 
hours at 40°C showing a partly disrupted oxide J. 1976). 
film (Diggle, J. W. et al. 1976). 
By applying an anodic potential the film experiences further growth. In 
electrolytes of very low aluminium solubility the film tends to form a single, 
barrier-type layer of A1203. This layer is very compact, dense and a very poor 
electron and only slightly better ion conductor. In electrolytes of higher aluminium 
solubility a duplex structure is maintained during film growth with an inner barrier 
layer on the metal surface and a porous outer layer of amorphous AI(OH)3. The 
film thickness and the porosity of the outer layer increase, when the temperature 
of the solution is raised, becoming less protective. The thickness of the barrier 
type layer is mainly controlled by its electrical potential, increasing with more 
positive values (Bard, A. J. 1976). 
When applying a constant electrode potential, barrier and porous-type films 
exhibit a different current response. In general, the current decreases due to the 
low conductivity of the passive film reaching a specific steady state value (Figure 
2-9). An electrode with a barrier-type film shows a much lower steady state 
current than with a porous film, where the pores provide easier charge transfer. 
The fact that a measurable current exists at all, despite the layer's very low 
conductivity, has been attributed to defects in the film (Szklarska-Smialowska, Z. 
1999). Frankel points out that the passive film on a piece of metal can have a 
range of properties regarding structure, composition and passivity. It is believed 
to be subject to a dynamic process of continuous film thickening, dissolution or a 
combination of both (Frankel, G. S. 1998). 
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Hancock described the importance of the development of mechanical stresses 
during the growth of oxide layers on metals (Hancock, P. et al. 1974). Depending 
on the work piece geometry, cracks may form within the oxide layer with corners 
and edges more prone to creating these imperfections than curved surfaces. The 
low ductility and plasticity of metal oxides, making them unable to closely follow a 
complex surface topography, were made responsible for these effects. 
Due to its exposure to an electrolyte, the passive film contains water and can 
also incorporate anions present in the surrounding solution, such as S042-. The 
larger amount of anions can be found in the outer, porous layer, so that a 
composition gradient between the layers can be developed. The film growth is 
thought to occur simultaneously at the metal-oxide and oxide-electrolyte interface 
(Bard, A. J. 1976). 
There are several methods that can be used to measure the thickness of a 
passive oxide film on aluminium electrodes. Some researchers used X-ray 
photoelectron spectroscopy (XPS) to asses the film thickness and composition 
(Yu, S. Y. et al. 2000; Martin, F. J. et al. 2005). Although this technique is very 
accurate revealing single atom layers on a surface, the sample has to be taken 
out of solution and transferred to a vacuum chamber, in order to carry out the 
measurement. In the publication by Yu (Yu, S. Y. et al. 2000), the sample was 
even rinsed with water and dried on air prior to an XPS measurement. It is likely 
that this procedure will distort the experimental results yielding a greater layer 
thickness than would have been the case when measured directly in solution (in- 
situ). 
Alternatively, ellipsometry was used to determine the passive layer thickness 
(Greef, R. 1985; Norman, C. F. 1986; Schnyder, B. 1992; Greef, R. 1993; Kotz, 
R. et al. 1993), which, in contrast to XPS, can be done in-situ. However, this 
technique is not as accurate providing a lower resolution than XPS. In addition, 
the incident laser beam, that forms part of the set-up, can be disturbed by gas 
bubbles evolving at the aluminium surface during the electrochemical process, 
e. g. by the production of hydrogen. 
Another method to determine the passive layer thickness in-situ is 
electrochemical impedance spectroscopy (EIS), which was also used 
by a range 
of researchers (Bessone, J. et al. 1983; Frers, S. E. 1990; 
Sulka, D. G. 2002; 
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Martin, F. J. et al. 2005). It can give an accurate measurement of less than one 
nanometre thickness, provided the experimental set-up is free of electrical 
disturbances and the samples are well prepared. The correct interpretation of 
impedance spectra is difficult, though, and requires good quality data as well as 
some experience. The accuracy of the layer thickness derivation from impedance 
data is dependent on reliable data for the permittivity of the oxide material. This 
technique was used in the present project, since it is the only in-situ method that 
can provide a sufficiently high resolution. 
2.2.4 Kinetic Studies of Aluminium Dissolution 
The dissolution of aluminium has usually been investigated with the aim of 
understanding aluminium corrosion for the purpose of corrosion protection. 
Hence, experimental studies have been mainly carried out in conditions of 
enhanced corrosion rates, i. e. at acidic or basic pH values or in the presence of 
high concentrations of corrosion promoters, such as chloride. However, in the 
project presented here aluminium dissolution is highly desired, since it forms the 
backbone of the electrocoagulation process. The process studied in this project 
uses solutions at neutral pH and with low concentrations of chloride, which 
represents conditions of naturally low corrosion rates that have not been studied 
extensively yet. 
Early work in the area of aluminium corrosion was carried out by Kaesche 
(Kaesche, H. 1962). He identified the pH-dependence of the corrosion rate and 
gave rates for a range of pH values. It was found, that the approach of a neutral 
pH leads to very small corrosion rates due to electrode surface passivation. In 
addition, investigations about the nature of pitting corrosion, which is commonly 
triggered by the presence of halogenides in the electrolyte solution, such as 
chloride, are presented in his paper. Kaesche assumed that pitting is caused by 
the local contact of bare aluminium metal with an acidic chloride solution at a 
high constant current density in small active sites on the electrode surface. The 
local acidic pH was identified as the stabilising factor in the pitting process. 
Heusler and Allgaier (Heusler, K. E. et al. 1971) studied the dissolution of high 
purity aluminium in 500 mol m-3 sodium sulphate adjusting the pH with NaOH to 
values between 9.5 and 14. Their work led to the derivation of pH 
dependent 
values of diffusion coefficients for dissolved aluminium. 
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The corrosion and passivation behaviour of aluminium in weakly alkaline and 
acidic solution was investigated by Hurlen (Hurlen, T. et al. 1984a; Hurlen, T. et 
al. 1984b). The alkaline system contained 1000 mol m-3 NH4AC with different 
concentrations of NH3 having pH values of 7.2 to 9.9, whereas the acidic solution 
consisted of acetic acid and sodium acetate at pH values of 5.2 to 6.7. A range of 
Tafel slopes for aluminium dissolution was reported, depending on solution pH 
and composition. Furthermore, a relationship of the oxide layer thickness as 
function of electrode potential was developed, which was, however, only 
applicable to these specific conditions. 
Additional kinetic studies in highly caustic solutions of 1000 to 7000 mol m-3 KOH 
were presented by Chu (Chu, D. et al. 1990), who reported a range of Tafel 
slopes at varying solution temperatures. Also Brown published kinetic data for 
highly concentrated KOH solutions (Brown, O. R. et al. 1987). 
Drazic investigated the corrosion rates of aluminium in sodium chloride solution 
(Drazic, D. M. et al. 1999a) and measured a mean rate of about 0.05 A m-2 for 
high purity material in 500 mol m-3 NaCl at neutral pH. Another aspect of his 
publication is concerned with the so-called `negative difference effect', where a 
curious increase of hydrogen evolution current is measured for potentials more 
positive than the pitting potential Ep; t despite the decrease in overpotential for this 
reaction, when approaching more anodic potentials. This effect was connected to 
the pitting dissolution mechanism, that generates local evolution of hydrogen in 
the pit during the corrosion process showing higher rates than expected due to 
an acidic environment at the pit bottom. 
2.2.5 Pitting 
A uniform dissolution of an aluminium electrode would require a bare metal 
surface over a wide area. This could only be accomplished by removing the 
passive oxide layer through the application of an acidic solution and carrying out 
the electrochemical dissolution under acidic conditions. However, when the 
dissolution process takes places at a more neutral pH, the electrode is naturally 
covered with a passive film. The corrosion / dissolution of such an electrode will 
take place at a relatively small number of active sites, that are more prone 
to 
dissolution. In this way pits are developed. 
An aluminium electrode, exposed to an inert electrolyte at neutral pH, 
does not 
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normally show significant dissolution. Only when pitting promoters are added to 
the solution, significant dissolution can be achieved. Halogenide ions, such as 
chloride (CI-), fluoride (F) or bromide (Br ), but also nitrite (NO2), are regarded as 
pitting promoters (Szklarska-Smialowska, Z. 1986). As will be shown in chapter 
5, chloride is the main pitting promoting contaminant in natural water. 
The induction of pitting is dependent on the applied electrode potential, the water 
content in the passivation layer, the structure of the film formed, the film 
thickness and the concentration of pitting promoter in solution. No stable pits will 
be formed at potentials more negative than the pitting potential Ep; t. A large 
number of pitting potentials have been published, that vary greatly dependent on 
solution composition and aluminium purity. Examples were presented by Davis 
(Davis, J. R. 1999) and Szklarska-Smialowska (Szklarska-Smialowska, Z. 1986) 
and are shown in Figure 2-10 and Figure 2-11. 
FJectrotyte 
Pitting Potential, v vs. 
SHB(a) 
High-purity (99.99%) Al 
0.1 M NaC1 -0.40 0.1 MNaCI -0.46 
0.5 M NaCI -0.50 
1M NaCl -0.48 
1M NaCl -0.52 
1. OM NaBr -0.29 LAM KBr -0.42 
1. O M KBr -0.35 
1.0MKI -0.26 
1.0 M KI -0.20 
99.4A1(b) 
0.1 M NaCl -0.41 
AI-2AMg 
0.1 M NaC1 -0.44 
AI-0.2Cu 
0.1 M NaCl -0.46 
AI-1Cu (solution treated) 
0.1 M NaCl -0.36 
2,5 NCI-103 
VH 
1Ja2SO4 
2,0 Oxatic AC P (SHE) 
Amm Tartrate 
-NaNO3 etc. 
1,5 
1,0 - KSCN 
0.5 
Ký104 
K6r"------- H'/H 0,5 NaCI 2 jNcOHýactive 
NaF metal 
-1.0 
(a) SHE, standard hydrogen electrode. (b) Coaiained 0.48% Fe. 
Figure 2-10: Pitting potentials of aluminium in Figure 2-11: Pitting potentials of aluminium in 
various electrolyte solutions at 298 K (Davis, J. various electrolyte solutions of 1000 mol m3 
R. 1999) concentration (Szklarska-Smialowska, Z. 
1986) 
There are also molecules, that are known to inhibit pitting corrosion by shifting 
the pitting potential to more positive values. According to Szklarska (Szklarska- 
Smialowska, Z. 1986) as well as Böhni and Uhlig (Bohni, H. et al. 1969) sulphate, 
nitrate, acetate, chromate and phosphate inhibit pitting on aluminium. In studies 
by Pyun and Moon the pitting inhibition of sulphate and nitrate in sodium chloride 
solution was investigated (Pyun, S. I. 1999b; Pyun, S. I. 1999a; Pyun, 
S. 2000). It 
was suggested, that in the case of sulphate inhibition is achieved 
by competitive 
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adsorption on the oxide film surface, whereas in the case of nitrate it is achieved 
by incorporation into the oxide film structure, preventing the ingress of chloride 
ions. The addition of 10 mol m-3 Na2SO4 to a 10 mol m-3 NaCl solution resulted in 
a pitting potential increase from -0.49 V(SCE) to -0.13 V(SCE) (Pyun, S. 2000). It 
was also found, that with the addition of sulphate the pit density (number of pits 
per surface area) decreased, but the pit diameter increased. According to Böhni 
and Uhlig aluminium alloys containing a relatively small amount of magnesium or 
manganese tend to show enhanced pitting behaviour compared to pure 
aluminium, although the potential shift is said to be small (Bohni, H. et al. 1969). 
The corrosion and dissolution behaviour of technical grade aluminium A11050 
was examined by Van Gheem (Van Gheem, E. et al. 2002), who discovered on 
the corroded sample surface black pits with iron and silicate containing 
precipitates at the bottom, elements that were present in the bulk material. It was 
concluded that the alloy matrix dissolved at the boundaries of the precipitates. 
However, by comparing to pure aluminium samples no effect of impurities on the 
pitting potential was found. 
The effect of natural organic matter (NOM), usually represented by humic or 
fulvic acid, on aluminium corrosion and dissolution has not been investigated yet. 
Some work has been published for copper corrosion, since this material is 
frequently used for drains and pipes. Korshin found, that low concentration of 
NOM in the range of 0.1 to 0.2 g m-3 caused enhanced pitting corrosion of 
copper, but acted as a pitting inhibitor at higher concentrations (Korshin, G. et al. 
1996). 
Many researchers have attempted to elucidate the mechanism of pitting 
corrosion. It is generally accepted, that chloride ions adsorb on the passive film at 
the oxide-solution interface. These adsorption sites are heterogeneously 
distributed over the metal surface due to locally varying film properties with a 
higher concentration at defects in the film structure. The adsorption is 
concentrated on future pit sites; their number increase with more positive 
potential. Inhibitors, such as sulphate, were found to delay the chloride uptake, 
but did not prevent it (Szklarska-Smialowska, Z. 1999). 
In addition, a significant amount of chloride has been found inside the film 
for 
electrode potentials close to the pitting potential. Hence, it is likely that the 
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chloride ions migrate from the adsorption sites into the film structure, which is 
facilitated by their relatively high diffusion coefficient and negative charge 
(Frankel, G. S. 1998). The point-defect model developed by Macdonald's 
research group confirms this view (Macdonald, D. D. 1992). It describes the 
kinetics of oxide film growth on metals assuming that the passive film contains a 
high concentration of electronic point defects that are subject to movement under 
the influence of an electric field. Negatively charged oxide ions and positively 
charged aluminium(III) ions are thought to move in opposite direction to each 
other through vacancies in the film resulting in the formation of aluminium oxide 
and thus film growth. However, a mere diffusion of metal cations through the film 
only leads to dissolution (Chao, C. Y. et al. 1981). The model was also used to 
describe the breakdown of passive films as initiation of pit development. It is 
assumed that chloride is adsorbed and incorporated into the outer part of the 
barrier layer resulting in the formation of cationic vacancies. These vacancies 
diffuse through the film to the metal surface, where they are annihilated by the 
oxidative injection of cations, in this case AI3+, from the metal. If the vacancy flux 
is larger than can be accommodated by oxidation, e. g. caused by a sufficiently 
positive potential, a void will form between metal and film that eventually results 
in film breakdown (Lin, L. F. et al. 1981). 
When the chloride anions reach the metal base, a series of reactions take place 
that lead to an acidification of the surrounding volume. In this way the passive 
film is dissolved locally and positive A13+ can be passed into the bulk solution. 
With regard to the electroneutrality condition (equation [2.8]) this is supported by 
the ingress of negative chloride ions. The following reactions have been 
suggested (Hagyard, T. et al. 1961; Szklarska-Smialowska, Z. 1999): 
Ala+ + H2O ýAl(OH)2+ + H+ [2.411 
Al(OH)2+ + Cl- > Al(OH)Cl+ [2.42] 
Al(OH)Cl+ +H2O<>Al(OH)2Cl +H+ [2.43] 
According to Szklarska-Smialowska also AICI3 may be found at the bottom of a 
pit. However, thermodynamic calculations show that very high concentrations of 
chloride and AI3+ have to be present to enable the formation of AICI3 (appendix 
A). 
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Below the pitting potential metastable pits exist, that constantly form and 
repassivate. Their formation frequency increases with a rising chloride 
concentration and with the electrode potential approaching Ep; t. At potentials 
more positive than Ep; t the pit becomes stable, provided the quotient of the 
current within the pit to the pit radius is greater than ca. 0.2 -1A m-1. The pit is 
characterised by an acidic regime within; pH values of 1 to 3 have been 
measured. Often aluminium-chloride compounds precipitate at the bottom, which 
enhances pit stability by providing a buffer of ionic species, that are able to 
maintain a favourable environment. The formation of these salts is an indication 
for the pit growth being limited by ionic mass transport (Frankel, G. S. 1998; 
Szklarska-Smialowska, Z. 1999). 
In addition to aluminium dissolution, simultaneous evolution of hydrogen may 
take place. On aluminium alloys impurities, such as magnesium, may dissolve 
selectively. This depends on the type of alloy and the electrolyte solution 
(Szklarska-Smialowska, Z. 1999). 
According to a paper by Frankel on the pitting of steel, a pit is stabilised by the 
ohmic drop of a porous hydroxide cover. When the cover ruptures, the solution 
inside the pit is diluted and its pH increases, so that repassivation is the result 
(Frankel, G. S. et al. 1987). 
2.2.6 Theoretical Description of a Pit 
The physico-chemical processes within and around a pit can be described by 
applying the relationships presented in section 2.1. Figure 2-12 displays a 
schematic description of a stable pit during the dissolution process. 
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Figure 2-12: Schematic of a stable pit under dissolution in a continuous flow reactor and its 
theoretical description; possible reactions besides electrochemical aluminium dissolution, such as 
hydrogen evolution, are omitted. 
Considering the electrochemical dissolution of an aluminium anode in a 
continuous flow reactor, the movement of any charged species is driven by 
gradients of potential (0), concentration (c) and convection (v) and is described 
by: 
Ni =-(z; FD, 1RT)cVO-D, Vc; +c, v [2.44] 
In addition, species can be accumulated or depleted by chemical reactions, 
which requires an reaction term R; to be added to equation [2.44]. A material 
balance of species i would be written as: 
ac; 
_ _O N, ± R. 
[2.45] 
at 
At steady state ac; /at = 0, so that equation [2.44] becomes: 
D1V 2ci - z1 FD, 
/(RT)V (c1V O) ± R; =O [2.46] 
It can be assumed that there is no convection within the pit. Hence, based on the 
relationship between current j; and the movement of species Ni the aluminium 
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current jA13+ can be derived: 
j; =Fj z; Ni 
Ni = -(z. FDD/RT )c; vcbit -D. Vc1 
jAI = 3FNAI = 3F " 
[- (ZAr3, FD, 
AI, 
I RT) CAI V P« - 
DA13-V cAl 
] 
[2.47] 
[2.48] 
[2.49] 
As apparent from equation [2.49], this current is a function of the aluminium 
concentration gradient VcAl, and the potential drop in the pit Vg51,. As a result of 
a small active area the local current density in the pit can be very high, reaching 
values of up to 108 A M-2 (Frankel, G. S. 1998). Since the potential drop is 
proportional to the current density (equation [2.50]), it would be rather high, too. 
Jp;, v opt -- 
6pit 
[2.50] 
The pit current density jpit is governed by the overall current density supplied to 
the anode jbulk. Assuming the leakage current through the passive parts of the 
anode surface is negligible, the local current in the pit is a function of the number 
of active dissolution sites divided by the entire anode area, i. e. pit frequency fp; t: 
jpit, 
t 
I 
bulk 
({ 
 pitg 
pit, 
t 
_f 
[2.51 ] 
= b14lk 
Aa/( pit pit, 
t 
where Aa is the real surface area of the anode taking into account the three- 
dimensional surface topography and rp; t, t is the pit radius at time t of a 
hemispherical pit. 
Due to the electroneutrality convention negative anions move into the pit, when 
positive A13+-ions are released. In addition, the pattern of the electrical field 
around the pit enhances the ionic migration, as is mentioned below. Hence, the 
local conductivity in the pit does not equal the bulk conductivity. 
6pit °bulk [2.52] 
In order to predict the conditions in and around a pit, a comprehensive model 
would need to be developed and solved numerically. 
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Newman calculated the potential of a hemispherical corroding pit assuming the 
normal component of the current to be constant and a current of zero on the 
surrounding passive surface (Newman, J. et al. 1977). The result is shown in 
Figure 2-13. 
Figure 2-13: Normalised equipotential and flux curves for a corroding pit; flux lines show enclosed 
current divided by total current (Newman, J. et al. 1977) 
It is apparent, that the flux is highest at the pit bottom; the lines gather sharply 
toward the pit edge and turn abruptly outside the pit margin. The equipotential 
lines bend around the edges, so that a movement of anions toward the pit centre 
should be preferred. 
Melville modelled the potential profile around a pit as a one-dimensional problem 
(Melville, P. H. 1980). He provided the variation of potential with increasing 
distance from the pit centre and concluded, that for `small' pits the potential 
profile is similar to a rotating disc electrode embedded in an insulating plane. The 
distribution of reaction kinetics over a corroding pit was modelled by Verbrugge to 
estimate the maximum rate of pit growth (Verbrugge, M. W. et al. 1993). The pit 
was represented by a rectangular box geometry instead of a hemisphere. The 
model yielded current and potential distributions over the pit surface as well as 
dimensionless average current densities. 
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2.3. Electrochemical Impedance Spectroscopy 
2.3.1 Fundamentals 
In impedance spectroscopy, an AC voltage signal is applied in addition to a DC 
base voltage to an electrochemical or electrical system and the current response 
is recorded (Figure 2-14). A range of frequencies is scanned in this way, so that a 
spectrum of impedance values is obtained. It provides qualitative and quantitative 
information about the electrical and electrochemical nature of the system studied. 
1.5 
w 
1.0 
C 
a) 4- 0 
Q 
0 
0.5 
(D 
0.0 
05 10 15 
time t 
Figure 2-14: Principal type of signal applied in impedance spectroscopy 
A purely sinusoidal voltage as shown in Figure 2-14 can be expressed as 
E=AE"sin(ax) [2.53] 
where LiE is the amplitude, t the time and w the angular frequency. This signal 
can be pictured as a rotating vector, called phasor, that spins counter-clockwise 
at w (Figure 2-15). The length of the vector corresponds to the amplitude of the 
voltage. 
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Figure 2-15: Phasor diagram for an alternating voltage (Bard, A. J. et al. 1980) 
The current signal resulting from applying a sinusoidal voltage to an 
electrochemical system has a similar shape, but may lag or precede the voltage 
signal. Expressed in a phasor diagram, the current and voltage phasors are at an 
angle to each other, the so-called phase angle 0 (Figure 2-16). 
e'or x 
Figure 2-16: Phasor diagram showing voltage and current response at an phase angle 0 (Bard, 
A. J. et al. 1980) 
Therefore, the current response may be expressed as 
I =Al sin(" +O) [2.54] 
In case the system to be investigated consists only of an ohmic resistance, where 
I and E are proportional to each other, the phase angle is zero. If the system 
consists of a capacitor, the phase angle is rr/2 and the current leads the voltage 
as shown in Figure 2-17 b). The current response of an inductor lags by -rr/2. 
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Ei 
a) 
t 
b) 
I 
Figure 2-17: Voltage and current for a) an ohmic resistor and b) a capacitor (Group, S. E. 1990) 
As can be seen in Figure 2-17 b), a plane is formed between E and I, which are 
90° out of phase. For mathematical convenience, the complex number j= is 
introduced to describe it. Vector components along the x-axis are called "real", 
those along the y-axis are called "imaginary" 
If a resistor R and a capacitor C are connected in series, the overall voltage can 
be expressed as 
E-ER+E. [2.55] 
E=1 R-j 
cocJ 
[2.56] 
where C is the capacitance. Impedance is generally defined as 
Z= E(t) [2.57] i (t) 
In order to ensure that the current response to the sinusoidal potential is linear, 
the amplitude of that potential is constrained. A typical value is 10 mV peak to 
peak, above which currents would respond exponentially, as predicted by the 
Butler-Volmer equation describing electrode kinetics (equation [2.13]). Also, the 
impedance is defined only for systems exhibiting steady state behaviour, thus a 
time-dependent current signal needs to be avoided. Alternatively, the impedance 
can also be obtained from the inverse of the gradient (dE/dI) of steady-state 
voltammograms. 
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In the case of R and C in series, the term in brackets of equation [2.56] is the 
impedance: 
E=I. Z [2.58] 
Figure 2-18 shows the relationships between R, C and Z in the phasor diagram. 
In general, the phase angle is given by 
tann=Z 
Z' 
[2.59] 
where Z' denotes the real part of the measured signal and Z" the imaginary part. 
In the case of an R-C series network the phase angle is 
tan O=1 
wRC 
K 
I, vc 
Gr 
R, 
a) 
-Z" 
ce p 
R, Z' 0 
[2.60] 
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Figure 2-18: R, C and Z in the phasor Figure 2-19: Example of two electrical circuits and 
diagram for a R-C series network; with their impedance spectrum as Nyquist-plot 
Xc=1 I(COC) (Bard, A. J. et al. 1980) (Barsoukov, E. et at. 2005) 
The impedance response of a system depends on the angular velocity w and 
hence the frequency f of the applied voltage. To measure an impedance 
spectrum, a range of voltage frequencies is applied and the impedance 
determined. The result is often shown as a Nyquist plot, having the real part Z' of 
the response signal on the x-axis and the imaginary part Z" on the y-axis, so that 
the phase angle could be determined easily. There are alternatively methods of 
presenting impedance data, as discussed by Orazem (Orazem, M. 2008), which 
are not used in this work, since they do not provide information significant to the 
project objectives. 
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The shape of an impedance spectrum depends on the properties of the system 
studied. Figure 2-19 gives an example of two electrical circuits and their 
impedance spectra. Here, wp is the peak angular frequency. 
It can be seen that a parallel R-C connection results in a characteristic semi- 
circle in the Nyquist plot (Figure 2-19 a)). High frequencies appear close to the 
origin, whereas a decrease in applied frequency leads away from it. Since the 
phase angle is zero between a sinusoidal current and a sinusoidal voltage across 
a pure resistor, the intercept of the semi-circle with the x-axis provides the value 
of the resistance R. By using the relationship 
1 
wmax - RC 
[2.61] 
the capacitance C can be determined with Wmax as peak frequency. An additional 
R-C circuit, as shown in Figure 2-19 b), leads to a second semi-circle. 
Usually, an electrochemical system is more complex than the example shown in 
Figure 2-19. When an impedance spectrum has been measured, it is common to 
fit an equivalent electrical circuit to the data, so that capacitances and resistance 
can be quantified. An equivalent circuit may be derived from a physical model of 
the electrode surface and the electrochemical processes to which it is subjected. 
However, in principle an infinite number of circuits would fit experimental data 
without providing an accurate representation of the actual surface properties. 
Therefore, one aims to develop the simplest circuit possible that can at the same 
time be connected to an appropriate physical model of the system. 
Because real systems do not always resemble perfect capacitor properties, e. g. 
due to surface roughness, constant phase elements (CPE) have been introduced 
taking these effect into account. 
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-Z" 
Figure 2-20: A constant phase element in the Nyquist-plot; after (Rodgers, B. 2006). 
This element allows for the occurrence of a depressed semi-circle in the 
impedance spectrum, where the centre of the circle is found below the x-axis. 
The impedance of a CPE is defined as: 
1 
ZCPt - Qo(jo)) 
2.62 
where Q° denotes the "capacitance" of the CPE and n is a depression factor. For 
the case of n=1, Q° is equivalent to C and the impedance of the CPE is equal to 
that of a true capacitor. 
The validity of measured data can be assessed by applying the Kramers-Kronig 
transform equations. In principle, these equations allow the mathematical 
transformation of real impedance into imaginary impedance and vice versa. The 
derivation of these transforms was based on the electrochemical system fulfilling 
four conditions (Barsoukov, E. et al. 2005; Orazem, M. 2008): 
- Causality: The system response is governed only by the applied perturbation. 
- Linearity: The measured impedance is independent of the magnitude of 
perturbation. 
- Stability: The system returns to its original state once the perturbation is 
removed. 
By applying the transforms, real and imaginary impedance values can be 
compared to each other. Deviations from theoretical values are expressed in 
residual errors and plotted against the correspondent measurement frequency. 
(Bard, A. J. et al. 1980; Howatson, A. M. 1996; Barsoukov, E. et al. 2005) 
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2.3.2 Application to Aluminium Electrodes 
2.3.2.1 Electrode Characterisation 
Electrochemical impedance spectroscopy has been used widely to study 
corrosion processes on aluminium. The impedance behaviour chanaes 
significantly with respect to the bulk material properties, surface history and 
surrounding electrolyte. To take this into account Hitzig, Jüttner and Lorenz 
developed a number of physical models together with corresponding equivalent 
circuits for aluminium alloys of varying history. In an early publication anodic films 
on high purity aluminium samples formed for corrosion protection were 
investigated by impedance spectroscopy (Hitzig, J. et al. 1984). An equivalent 
circuit, shown in Figure 2-21, was fitted successfully to the experimental data, so 
that the thickness of the passive film could be derived. In addition, the influence 
of sealing time and aging on the impedance response was discussed. 
For the same material an extended circuit was proposed by Hitzig in a later 
publication (Hitzig, J. et al. 1986) due to the observance of slightly different 
impedance spectra, which was attributed to an increased frequency range 
(Figure 2-22 a)). In addition to high purity aluminium, various alloys were 
anodised and exposed to environmental conditions to test their corrosion 
behaviour. Afterwards, impedance spectra showed alterations that were thought 
to be due to pitting corrosion during exposure. An alternative equivalent circuit 
was developed for this inhomogeneous, pitted surface, which was assumed to be 
repassivated at the time of measurement ('passive pit', Figure 2-22 b)). 
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Figure 2-21: Model of film structure and 
equivalent circuit proposed by Hitzig for an 
anodic passive film on high purity aluminium 
(Hitzig, J. et al. 1984). 
Figure 2-22: Equivalent circuits proposed by 
Hitzig for a) homogeneous passive film of same 
structure as in Figure 2-21; b) inhomogeneous 
film with a `passive pit' (Hitzig, J. et al. 1986) 
A number of physical surface models including their corresponding equivalent 
circuits were later published by Jüttner (Juttner, K. et al. 1989). Here, the circuit 
representing the `passive pit' was slightly altered by the addition of another ohmic 
resistor (Figure 2-23). In addition, proposals were made for surfaces featuring the 
existence of a porous passive layer and active, corroding pits. 
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Figure 2-23: Equivalent circuit for an electrode Figure 2-24: Equivalent circuit proposed by 
with a structured passive layer: "passive pit Martin et al. (Martin, F. J. et al. 2005) 
model" (Juttner, K. et al. 1989) 
Some researchers developed an equivalent circuit purely on the basis of 
measured data rather than a physical model of the electrode surface. Such work 
was done by Martin (Martin, F. J. et al. 2005) for aluminium in 1 x102 mol m-3 
NaCI and is shown in Figure 2-24. Here, a resistor Ru has been placed in front of 
a circuit similar to the one in Figure 2-19 b), which allows for the IR drop between 
the electrode contact and tip of the Luggin probe including the resistance of the 
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instruments. In addition, the capacitor C has been replaced by a constant phase 
element (CPE) to take into account the deviation of the measured data from ideal 
capacitive behaviour. 
Additional studies were carried out by Bessone in ammonium-tartrate solutions 
(Bessone, J. et al. 1983) as well as chloride and sulphate containing solutions 
(Bessone, J. B. et al. 1992), deriving values for the oxide film thickness. He 
included measurements on both passive and actively corroding pits and found a 
range of different impedance behaviour depending on the type of electrolyte and 
the surface state. 
Sulka investigated the efficiency of a surface treatment process, in which the 
barrier layer on an anodised aluminium structure was thinned, by the use of 
impedance spectroscopy (Sulka, D. G. et al. 2007). Measurements in 200 mol m- 
3 KSO4 showed inductive loops at relatively low frequency, which was believed to 
be due to partial adsorption of aluminium ions at the metal-oxide interface. 
A theoretical model of the impedance response of passive metals was proposed 
by Armstrong (Armstrong, R. D. et al. 1973). He derived relationships for the 
impedance dependent on the relaxation time and the influence of diffusion 
through the oxide film. Also the impedance of a metal-oxide interface was 
considered. 
It is apparent, that a large variety of impedance spectra, including capacitive and 
inductive behaviour, have been measured on aluminium surfaces dependent on 
bulk material, electrolyte composition and electrode pre-treatment procedure. 
Thus, it can be concluded that there is no general impedance response of 
passive aluminium, so that a specific investigation of each particular system is 
required. 
2.3.2.2 Impedance Measurement of Rough Electrodes 
The generation of useful impedance data on rough electrodes and subsequent 
data interpretation is difficult, so that in most cases well polished surfaces have 
been examined experimentally. Due to the frequency dependence of the 
impedance a rough surface does usually not exhibit ideal capacitive behaviour, 
so that a depressed semi-circle in the Nyquist plot is the result (Barsoukov, E. et 
al. 2005; Pajkossy, T. 2005); in general, these spectra are represented by 
constant phase elements (CPEs). This phenomenon has been attributed to an 
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inhomogeneous current density distribution as the result of the uneven surface 
topography (Barsoukov, E. et al. 2005). According to Pajkossy also the 
adsorption of electrolyte components can lead to heterogeneous electrical 
surface properties resulting in non-ideal behaviour (Pajkossy, T. 2005). 
A small number of models have been developed to describe the impedance 
behaviour of rough and porous electrodes. De Levie suggested a model based 
on V-shaped grooves in the electrode surface (Figure 2-25). He assumed a 
uniform capacitance over the surface and current perpendicular to the 
macroscopic, planar surface. Hence, the real current distribution was not taken 
into account, which is the main weakness of this model. 
Er EC IRODE 
Figure 2-25: De Levie model for a V-shaped Figure 2-26: Scheider model of branched 
groove in an electrode surface (de Levie, R. transmission lines (Scheider, W. 1975; 
1965; Barsoukov, E. et al. 2005) Barsoukov, E. et al. 2005) 
Scheider proposed the use of branched transmission lines to allow for an uneven 
topography (Scheider, W. 1975). Both the serial and parallel components of the 
simple RC circuits may be branched indefinitely to fit experimental data. The 
model successfully simulates CPE-type behaviour, which is frequently observed 
experimentally. However, it is of qualitative nature with no link between the circuit 
and the actual topology (Barsoukov, E. et al. 2005). 
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2.4. Surface Analysis Techniques for Dissolution Investigation 
2.4.1 Atomic Force Microscopy 
In atomic force microscopy (AFM) a small tip, made for example from a silicon 
oxide, is connected to a cantilever and scanned over a surface. The lateral 
movement of the tip is monitored by a laser beam reflected from the back of the 
cantilever, so that three-dimensional images of the surface topography can be 
recorded. The tip can be used in contact mode, touching the sample surface 
throughout the experiment, in tapping mode, where vibrating the cantilever 
results in short and frequent touches of the tip, or in non-contact mode, where the 
tip is moved at a constant distance from the surface. The technique can be 
employed in electrolyte solutions and is therefore suitable for in-situ 
examinations. 
Previous studies were concerned with the surface topography of aluminium 
materials and the depiction of corrosion processes ex-situ and in-situ. Shimizu 
examined high purity aluminium surfaces prepared by mechanical and chemical 
polishing to a mirror finish as well as a section produced by an ultramicrotome 
(Shimizu, K. 1997). The mechanically prepared surfaces showed clear scratch 
marks together with alumina particles left over from polishing. Chemical polishing 
led to a characteristic cellular texture, whereas the ultramicrotome was the only 
device to produce smooth surfaces on a nano-scale. 
Josefowicz used AFM on a AI-Zn-Mg alloy and studied its corrosion in-situ in 30 
mol m3 HCI solution (Josefowicz, J. Y. et al. 1995). Clear signs of pit growth were 
observed at open circuit after an induction period of ca. half an hour. The 
subsequent measurement of a surface coated with a corrosion inhibitor showed 
the successful prevention of pitting corrosion. 
Drazic used AFM to determine the real surface area of an high purity aluminium 
electrode (Drazic, D. M. et al. 1999b). He also connected the dissolution rate to 
the surface roughness and found an increased rate for rougher electrodes. 
An in-situ study of aluminium dissolution was carried out by Roue (Roue, L. et al. 
1996) on both mechanically polished high purity bulk material and thin aluminium 
films deposited on glass substrates by vapour deposition. The AFM was used in 
contact mode to record the corrosion process at open circuit. When the 
aluminium was exposed to a 100 mol m-3 NaCl solution and subjected to the 
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scanning AFM tip, a removal of material from the surface was observed in the 
scan area, which was not the case in pure water. Hence, it was concluded that 
the impact of the tip broke the passive layer leading to bare aluminium being 
exposed to chloride ion attack. It was suggested that the removal of surface 
material was caused by localised aluminium dissolution through the formation of 
aluminium chloride species. 
The change in surface topography during the dissolution of aluminium by 
application of anodic potentials was monitored by Nabi (Nabi, T. M. et al. 2001). 
High purity aluminium samples were polished chemically and dissolved in an 
acidic solution of sulphuric acid at pH 1 by applying a constant current density of 
0.1 - 0.15 A m-2. The AFM was operated in contact mode. Under these 
conditions the nucleation of pits was observed, but with very little change in pit 
depth. It was concluded that the dissolution occured layer by layer rather than 
vertically. However, it should be noted that this observation might be connected 
to the tip breaking the passive film and inducing the dissolution of the bulk 
material. In addition, the authors suggested that the dissolution was initiated 
preferentially at dislocation sites in the surface structure of the sample. 
It can be concluded, that the use of contact-mode AFM may result in 
experimental artifacts by physical impact on the sample surface artificially 
creating dissolution sites. 
2.4.2 Scanning Electrochemical Microscopy 
Scanning electron microscopy (SEM) is a technique widely used for surface 
imaging and analysis. The sample surface is scanned by a beam of electrons 
that interact with the substrate. The interaction signal, for example consisting of 
secondary electrons, back scattered electrons or X-rays, is recorded. A further 
development of the method maps the electrochemical response over a sample 
surface and is hence called scanning electrochemical microscopy (SECM). 
Unlike the AFM in contact mode, the SECM tip is not interfering with the sample 
mechanically, which allows for an accurate in-situ examination of electrochemical 
systems. 
An introduction to the technique was presented by Wipf (Wipf, D. 0.1994), that 
included some experimental results showing the distribution of oxidisable species 
near an active corrosion pit. In addition, SECM was used to initiate single 
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corrosion pits on stainless steel by electrochemically generating chloride ions in 
close vicinity to a surface. 
In a research study by Serebrennikova passive aluminium surfaces were 
analysed for sites of electrochemical activity (Serebrennikova, I. et al. 2002). 
Samples of high purity were immersed in an organic mixture of an inert 
supporting electrolyte and a redox couple, that provided the mechanism of 
detecting electroactive sites. The sample was subject to a potential reducing the 
redox couple, whereas the SECM tip was set at an oxidation potential. The tip, 
consisting of graphite, was moved at a distance of 5 pm over the surface. A 
current was detected, when the surface beneath the tip was electrically 
conducting providing electrons for the redox reaction. The aluminium surface 
proved inactive over large areas due to the passivating oxide film on its surface. 
However, on small defined spots an electrochemical response in form of a 
current peak was detected (Figure 2-27). 
The existence of active sites in the 
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Figure 2-27: SECM image of multiple 
electroactive sites on a passive aluminium 
substrate of 99.45 % purity (Serebrennikova, I. et 
al. 2002) 
passive film was attributed to film 
defects allowing the passage of 
electrons. The radii of these sites 
were in the range of 3 to 50 pm and 
site densities of 3 to 1000 per cm2 
were reported. This large data 
scatter was connected to a great 
sensitivity in the development of 
defects towards slight alterations in 
the surface pre-treatment 
procedure, which limited the 
reproducibility. Similar site densities were measured for aluminium of 99.9995 % 
and 99.45 % purity, so that it was suggested that the number of sites cannot be 
solely governed by the bulk material impurities. 
Recently, a technique combining AFM and SECM was developed (Davoodi, A. 
2008). It allowed the simultaneous analysis of electrochemical activity and 
topography of a surface, but has not been used in aluminium corrosion or 
dissolution studies yet. 
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2.5. Coagulation of Colloidal Contaminants 
2.5.1 Particle Charge in Colloidal Suspensions 
Colloidal systems consist of small particles distributed more or less uniformly 
throughout a liquid phase. The particle size is usually much greater than that of 
the solvent molecules and ranges from 1 x10"9 m to 1 x10-6 m. For these particles 
the effect of gravity is negligible compared with the Brownian motion, so that they 
do not settle or float (Hunter, R. J. 2001). 
At the interface between two phases a specific distribution of charge occurs. For 
example, when a colloid particle is dispersed into an aqueous electrolyte solution, 
the build-up of an electric charge on the surface of the particle is observed. The 
charging is due to three main mechanisms (Hunter, R. J. 1980): 
- Ionisation: 
Functional groups at the particle surface are ionised due to a reaction with the 
surrounding liquid phase. In the case of aqueous systems, this is strongly 
dependent on the pH value. 
- Ion adsorption: 
The surface charge is due to differences in the affinity for ions of one charge or 
the other. Surfaces that are already charged (e. g. by ionisation) and may attract 
counter-ions from the solution. In this way, it is possible to cause a reversal of 
charge. 
- Entrapment: 
Charge can be built up by physical entrapment of particles in one phase. 
A charged particle surface attracts ions of opposite charge from the solution; 
those of like charge are repelled. However, the effect of Brownian (thermal) 
motion of molecules tends to mix them again with the bulk liquid. As a result a 
charged layer is created around the particle showing a maximum charge density 
at the surface, which decreases with increasing distance (Figure 2-28). The 
adsorption and orientation of dipoles may not alter the charge at the particle 
surface, but will affect the layer around it. 
44 
2. Literature Review 
+ 
+ _ 
+ 
__t 
1 
I1 
t 
Distance 
Figure 2-28: Electrostatic potential near a charged particle in electrolyte solution (diffuse layer), 4' 
= electrostatic potential (Hunter, R. J. 1987) 
This layer is also referred to as electrical double layer. Its extent depends on the 
ionic strength i of the electrolyte solution defined in equation [2.63]. 
i=lc; . z' [2.63] 2; 
A high ionic strength results in a thin layer, whereas a low strength increases the 
layer thickness. According to the theory of Stern (1924), the layer consists of two 
regions: An inner region of strongly adsorbed ions (inner or compact layer) and 
an outer region where ions are distributed according to the forces affecting them 
and the thermal motion (diffuse layer) (Hunter, R. J. 2001). 
To describe the stability of suspended particles in electrolytic solutions the 
DLVO-theory was developed. The abbreviation DLVO is derived from the 
authors' names: Derjaguin, Landau, Verwey, and Overbeek. A suspension is 
called stable, when no coagulation of suspended particles occurs, but unstable, if 
the particles start forming aggregates. It is important to know under what 
conditions a suspension changes from stable to unstable. The DLVO theory 
models the effect of electrolytes on the extent of the electrical double layer, 
predicts interaction energies and the conditions, under which a destabilisation 
occurs. It can be employed to predict whether the approach of a particle to a 
surface leads to a repulsion or attraction and how large adhesion energies are. 
The thickness of the double-layer affects the strength of repulsive forces between 
suspended particles. If the double-layer becomes thinner due to an increased 
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ionic strength, attractive forces will exceed the repulsive forces at a certain point 
and flocculation can occur. The electrolyte concentration that marks this turning 
point is also called critical concentration or flocculation value. It varies for 
different types of suspensions and electrolytes. 
Among others, the flocculation value is dependent on the valence of the ion in 
electrolyte solution that is of opposite charge to the colloid particle. Generally the 
higher the valence the smaller the flocculation value is. Moreover, this value also 
depends on the sol concentration, temperature, and the size of the colloid 
particle. Hence, due to its high valence the tri-valent aluminium ion A13+ is a 
useful coagulation agent. 
The classical DLVO theory (Verwey, E. J. W. et al. 1948) takes into account 
repulsion caused by the overlap of the diffuse double-layers and attraction by 
van-der-Waals forces. As a result the interaction energy can be calculated. 
According to the DLVO theory the total interaction energy WT is given by (Hunter, 
R. J. 2001): 
WT = Wut! +Wrep [2.64] 
With Watt being the attractive energy due to van der Waals forces and Wrep the 
usually repulsive energy due to an overlap of the double layer. 
2.5.2 Destabilisation of Colloidal Suspensions 
The process of particle aggregation (as a whole called coagulation) is induced by 
the addition of coagulants. The purpose of coagulants is to destabilise the 
colloidal suspension and enhance the formation of larger particle flocs. The 
addition of ions to the solution, in the case of electrocoagulation by dissolving 
metal from the electrodes, causes an increase in ionic strength. This leads to a 
compression of the double layer surrounding the colloidal particles. Hence, the 
range of repulsive forces is decreased and attractive forces are easier to 
overcome the potential barrier. Thus, inter-particle collisions are more likely to 
result in a strong attachment (Hunter 2001). 
Because in the DLVO-theory two energy contributions with opposite signs are 
added, three possible phenomena can emerge: (i) repulsive forces are dominant, 
so that a potential barrier leads to a stable suspension; (ii) a critical coagulant 
concentration results in repulsive and attractive force having equal strength, 
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which leads to a marginally stable suspension; (iii) attractive forces are dominant, 
so that the suspension becomes unstable, i. e. rapidly coagulating. Figure 2-29 
shows the interaction energy with increasing distance from a particle for a stable 
(a), marginally stable (b) and unstable (c) colloidal suspension. 
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Figure 2-29: Interaction energies in dependence of distance from particle surface for (a) a stable, 
(b) a marginally stable, and (c) an unstable suspension (Hunter, R. J. 2001); solid line: total 
energy, dotted line: partial energy 
In addition, positively charged ions, which are in the case of electrocoagulation 
typically AI3+ ions, adsorb at the usually negatively charged particle surface. This 
leads to a neutralisation of surface charge and can eventually result in its 
reversal. 
2.5.3 Coagulation Mechanisms 
In natural waters particles are generally negatively charged at near-neutral pH 
values of about 6 to 8 (Duan, J. M. et al. 2003). The suspension is stable in most 
cases. In order to induce flocculation, the adsorption of ions onto the particles' 
surface is preferred to a simple compression of the double layer, because less 
coagulant is necessary for this process (Duan, J. M. et al. 2003). 
After being destabilised, particles start to coagulate resulting in a decreasing 
number of total particles. This aggregation process is basically described by two 
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phenomena called perikinetic and orthokinetic growth. The former includes the 
random movement of particles due to Brownian motion, so that they eventually 
come into contact and form flocs. The latter involves a forced movement of 
particles due to the application of shear forces. This is done for example by 
stirring or by the stream of a suspension through a continuous reactor leading to 
an increase of the rate of collisions. The theoretical foundations of this process 
were laid by Smoluchowski (von Smoluchowski, M. 1917); Elimelech gave a 
summary and extension (Elimelech, M. et al. 1995). 
According to Elimelech and Svarovsky (Svarovsky, L. 2000) the initial rate of 
perikinetic growth for uniform sized particles is given by: 
-dn =k n2 dt p 
[2.65] 
where n denotes the number of particles in a given volume, kp the rate constant 
and t the process time. It is therefore a process of second order. After integration 
equation [2.65] turns to: 
no [2.66] 
1+ kpnot 
where no is the number of particles at t=0. 
For orthokinetic growth it is assumed, that a laminar flow regime exists, where 
collisions among particles following different stream lines occur. The frequency of 
collision depends on their size and the shear rate G. Hence, the rate equation 
becomes (Elimelech, M. et al. 1995): 
do 16 3 dt =3 nýG'rP [2.67] 
where G represents the shear rate and rp the particle radius. With the 
introduction of a volume fraction cp the equation changes to: 
do 4"Gcon 
dt /z 
[2.68] 
with op =4 Tz "in. If c' is assumed to be constant throughout the process then 3 
equation [2.68] results in a first order rate law, which can be integrated to: 
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n= 
exp -4G-cp"t - 
no /T 
[2.69] 
For all derivations shown above it is assumed, that every collision leads to a 
particle aggregation and that all particles involved are spherical and have the 
same radius. Unfortunately, these assumptions result in a limited practicability of 
these models. 
In addition, Duan and Gregory reported another two different mechanisms, that 
have been observed in coagulation processes (Duan, J. M. et al. 2003). The first 
one employs the neutralisation of surface charges as described above, which is 
achieved by adding small amounts of ions at low pH values to the suspension, so 
that only soluble species are present. However, apart from a neutralization of 
charge also its reversal may be achieved at high enough concentrations. This 
may lead to the stabilisation of the suspension and is therefore not desired. 
The second mechanism is achieved when the flocculant is added in larger 
amounts at neutral pH values, where its solubility is low. Precipitates are formed 
that are shown to have relatively open structures with a low density. In these 
structures contaminants get trapped and are "swept out" of solution. Also the 
binding of particles to these aggregates is possible. This so-called sweep- 
flocculation is faster in comparison to charge neutralisation and produces larger 
flocs, that are easier to separate (Duan, J. M. et al. 2003). 
Figure 2-30 displays results of a batch electrocoagulation experiment published 
by Holt (Holt, P. 2002). It contains the zeta potential of suspended clay particles 
and the turbidity removal in the suspension measured after separating solid and 
liquid phase. 
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Figure 2-30: Development of the zeta-potential of clay particles in aqueous solution during 
electrocoagulation with aluminium electrodes; current: 0.5 A, clay concentration 1000 g m-3, pH = 
8.5 (Holt, P. 2002) 
Initially, the surface potential is strongly negative. After about 10 minutes 
operation it increases dramatically and reaches highly positive values. 
Correspondingly, the turbidity of the solution decreases, since particles are 
flocculated and removed. Although a charge reversal has taken place and the 
particles are highly positive, the outlet turbidity removal does not drop down due 
to a restabilisation of the suspension, but remains at high values. This can be 
explained by sweep flocculation occurring in the reactor. 
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2.6. Description of the Electrocoagulation Process 
2.6.1 Working Principle 
A simple electrocoagulation reactor consists basically of a pair of electrodes 
immersed in an aqueous solution, as shown in Figure 2-31. Usually aluminium or 
iron is used as anode material due to the high valence value and the low 
solubility at neutral pH, which facilitates precipitation as pre-requisite for sweep 
coagulation. The cathode usually consists of the same material as the anode or a 
different, largely inert material such as stainless steel. By applying an electric 
current, metal ions are oxidised at the anode by M -> M'7 +n" e- and go into 
solution, where they can be subject to further reactions, such as hydrolytic 
precipitation (M'1 + +nHZO -> M(OH) +nH+ ). In addition, hydrogen gas is 
produced as result of the electrochemical decomposition of water molecules at 
the cathode, according to 2H20 + 2e- --> 20H- + H7 . 
The dissolution of ionic metal 
species and their subsequent precipitation results in the flocculation of colloidal 
contaminant particles. 
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Figure 2-31: Schematic drawing of an electrocoagulation reactor in operation 
The maximum theoretical rate of metal dissolution is given by Faraday's law 
(equation [2.111). However, due to the formation of a passive layer on the 
electrode surface the production of dissolved ions reaching the bulk solution may 
be inhibited. The flocs formed will either float or settle depending on their relative 
density. The uprising hydrogen gas bubbles produced in the reactor enhance the 
floating of particles and lead to a higher number of inter-particle collisions. 
(Mollah, M. 2001; Mollah, M. 2004; Holt, P. K. 2005) 
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2.6.2 Typical Equipment and Modifications 
The typical set-up of an electrocoagulation reactor system includes a parallel 
plate configuration with a number of vertical parallel rectangular electrodes and 
with a uniform gap in a non-conductive reactor body. An untreated water stream 
flows through the electrochemical cell and is separated into flocs and bulk water 
by a subsequent clarification step. The floc-sludge can be treated further 
according to its specific properties. Depending on the requirements, the purified 
water may also be led to subsequent treatment steps, such as sand filtration. The 
schematic drawing of a simple monopolar reactor system is shown in Figure 
2-32. 
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Figure 2-32: Typical set-up of a simple electrocoagulation reactor with one pair of aluminium 
electrodes 
Here, the untreated water is stored in an inlet reservoir. During the treatment it is 
pumped through the reactor; the flow rate may be controlled using a flowmeter 
and a valve. The water stream enters the reactor at the bottom and leaves it at 
the top right. Hydrogen evolution at the cathode produces bubbles that rise in the 
solution between the electrodes. A subsequent clarifier separates flocculated 
particles (sludge) from the bulk stream. The purified water is stored in an outlet 
reservoir. 
According to Mollah there are several types of reactor designs currently in use for 
electrocoagulation (Mollah, M. 2001). The main type involves tall rectangular 
electrodes arranged vertically in a non-conductive case. The typical electrode 
spacing is in the range of 3 to 6 mm. Other reactor designs, such as tubes, or the 
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use of perforated plates to increase the active surface area have not proved 
useful (Mollah, M. 2004). 
A high throughput of raw water may require the use of several electrodes in one 
reactor, which can be designed as a monopolar or bipolar arrangement. 
Monopolar electrodes serve either as anode or cathode and are arranged in 
alternating arrays. Each electrode is connected to the others in parallel via a bus 
bar (Figure 2-33). 
In contrast, bipolar electrodes serve both as anode on one side and as cathode 
on the other. Here the bipoles are connected in series via the surrounding 
electrolyte (Figure 2-34). The arrangement is enveloped by outer monopolar 
electrodes, which are called anode feeder and cathode feeder electrode, 
respectively. 
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Figure 2-33: Monopolar arrangement of Figure 2-34: Bipolar arrangement of electrodes 
electrodes 
According to Jiang a bipolar reactor is easier to engineer with an electrical 
connection only to the feeder electrodes (Jiang, J. Q. et al. 2002). Smaller gaps 
can be realized which leads to a smaller ohmic potential drop and a lower 
electrical energy demand. However, the large distance between the two feeder 
electrodes causes a bypass current, which is detrimental to the specific electrical 
energy consumption. 
Apart from the continuous mode electrocoagulation reactors can be also 
designed as batch type (Holt, P. 2002). They are usually built as units of specific 
size and can be linked together, either in parallel to increase the treatment 
throughput or in series to increase the treatment efficiency (Matteson, M. J. 
1995). 
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To separate the particulate material from the bulk solution, a clarifier is needed. 
This may be attached to the electrochemical reactor as a second unit (Jiang, J. 
Q. et al. 2002; Holt, P. K. 2005; Khemis, M. 2005) or integrated as part of the 
reactor (Chen, X. 2002; Parga, J. R. et al. 2005). Parga combined the 
electrocoagulation process with an injection of air before the wastewater actually 
entered the reactor (Parga, J. R. et al. 2005). The air was pressed through a 
porous tube into the inlet water stream (Figure 2-35). 
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Figure 2-35: Schematic drawing of an electrocoagulation reactor with additional injection of air 
into the inlet stream (Parga, J. R. et al. 2005) 
In this reactor vertical bipolar carbon steel electrodes were used as an iron 
source. A reception container caught the overflowing sludge during treatment. In 
this publication it is suggested that the aeration step oxidised As(III) species 
present in the raw water to As(V), which was then removed by forming 
complexes with iron hydroxides (Parga, J. R. et al. 2005). In addition, the bubbles 
produced by air injection led to an increased contact between particles and 
enhanced floc floating. With this method the removal of arsenic was improved 
from about 95.5 to 99.8% of the initial concentration. These results also include a 
striking increase of pH during treatment. The incoming pH was reported to be 
2.9, whereas the pH at reactor exit reached values of 6.9 and 8.3, respectively. 
The authors do not provide an explanation of this dramatic rise, but it was 
"ý /-- plates of Fe 
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probably due to the production of OH- -ions by hydrogen evolution. 
2.6.3 Advantages and Disadvantages 
Benefits of the electrocoagulation technique arise from the fact that it usually 
shows a comparatively high coagulation efficiency especially for small suspended 
particles, since it has higher rates of adsorption for pre-existing aggregates than 
conventional techniques. Additionally, it is very versatile, because a broad range 
of suspensions and solutions can be treated. It also has a simple set-up, which 
requires only small maintenance effort keeping investment and operating costs 
relatively low. There are basically no additional chemicals necessary, which 
avoids transport and storage of large amounts of hazardous substances. Another 
advantage is the relatively low sludge production (Mollah, M. 2001; Mollah, M. 
2004) 
However, the sacrificial anodes require replacement on a regular basis. The 
treatment of low conductivity water results in a relatively large cell voltage due to 
the high IR drop. Moreover, the passive oxide layer on the anode impedes its 
dissolution leading to relatively low concentrations of dissolved metal and high 
electrode potentials, that further increase the cell voltage and thus the running 
costs. This causes a deterioration of process performance and efficiency. In a 
few cases a reaction of specific compounds with the metal ions may lead to 
undesired products, with negative effects on the further use of the water (Mollah, 
M. 2001; Mollah, M. 2004). 
2.6.4 Experimental Results in Recent Research 
A large number of research papers have been published on electrocoagulation 
reporting the treatment of a broad range of contaminants. In Table 2-1 an 
overview of some of these publications including the maximum removal of the 
corresponding contaminant is presented. As can be seen, the type of 
contaminant treated ranges from sulphate and chloride to arsenic, chromate and 
phosphate. Also, very complex mixtures were treated, such as restaurant and 
textile waste water, as well as mineral oil suspensions. 
The removal of a substance is usually calculated from its concentration in the 
solution before and after a treatment. For diverse mixtures of different 
contaminants the process performance is monitored by measuring 
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comprehensive parameters, such as COD (chemical oxygen demand) and TOC 
(total organic carbon). The results presented in Table 2-1 show removal rates 
from 32% for Cl- with steel electrodes (Kovatcheva, V. K. 1999) to 99 % for 
arsenic with iron and steel electrodes, respectively (Kumar, P. R. 2004; Parga, J. 
R. et al. 2005). Chen reduced the COD value for wastewater by 99% employing 
aluminium as electrode material (Chen, X. 2002). Most of the work presented 
below was carried out in bench-scale experiments and operated either in batch or 
continuous mode. 
Results on the treatment of natural waters were first published by Vik (Vik, E. A. 
et al. 1984), who used a simple parallel plate reactor with aluminium electrodes 
to treat Norwegian lake water. A reduction of 71 % of the TOC value was 
achieved. 
A PhD thesis by Peter Holt from the University of Sydney (Holt, P. K. 2002) 
covers the treatment of model solutions containing kaolin (clay) as contaminant 
and relatively high concentrations of sodium chloride using batch reactors with 
aluminium electrodes. As result of the treatment the turbidity of the solution was 
decreased by 75%. A so-called `lag-phase' was observed, that was insufficiently 
explained, but probably due to the accumulation of aluminium(Ill) in the batch 
reactor during the process until the critical concentration for the destabilisation of 
the suspension was achieved. The electrochemical investigations of this work 
yielded rather doubtful results leaving significant gaps for the detailed description 
of the process, so that additional research is still very much required. 
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Table 2-1: Some examples of electrocoagulation results in the literature 
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In a previous project at Imperial College London Jiang investigated the 
performance of chemical dosing in comparison to electrocoagulation for the 
treatment of water from natural sources (Jiang, J. Q. et al. 2002). Results show 
the removal of DOC (dissolved organic carbon) and colour (measured by light 
adsorption at 420 nm) at pH 7.8 by means of chemical dosing and 
electrocoagulation. For both techniques the same dose of AI(III) was used. In the 
electrochemical reactor, both mono- and bipolar electrodes had been employed. 
By using chemical dosing about 30% of DOC and 60% of colour were removed, 
whereas electrocoagulation was able to eliminate 60% of DOC and nearly 90% of 
colour. Therefore, electrocoagulation proved a much more effective method in 
treating this type of water. Additionally, it was discovered that there is no 
substantial difference in treatment performance between bipolar and monopolar 
electrodes. 
Generally, it is remarkable that the vast majority of published papers reported 
only the effects of an electrocoagulation treatment on a specific type of water 
without any further investigation of the fundamental processes inside the reactor. 
None of the published work presented in this section provides a satisfactory 
explanation of the observations made. Hence, despite research work already 
being conducted for several decades in this area, these reactor systems are still 
rather poorly understood. 
2.6.5 Patents 
The large variety in applications of the electrocoagulation technique is reflected in 
a high number of patents having been filed worldwide. In principle, almost all 
patents employ the same method, described in section 2.6.1, with either bipolar 
or monopolar plate electrodes in a rectangular reactor body. However, there are 
variations in the specific reactor design (Young-Sik, 0.2001; Yong, L. J. 2002; 
Herbst, R. 2003; Powell, S. W. 2005; Lee, T. S. 2008) or in the type of 
contaminant to be treated, such as cooling liquid (Karev, E. A. 2005), fluoride 
(Grigg, B. 2005) or polymer solutions (Griffith, C. R. 2007). Also the treatment of 
bilge water has been proposed (Tipton, G. 2004). 
The first electrocoagulation patent was filed by Lazarevich in 1967 (Lazarevich, 
K. L. et al. 1967). He suggested a method for the treatment of wastewaters from 
a viscose rayon production, that contained Zinc, sulphate and cellulose. The 
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design comprised a batch reactor with rod electrodes of cast iron anodes and 
graphite or stainless steel cathodes, that were arranged in a chequer board 
formation. 
In 1981 a design for an electrocoagulation reactor system for the dewatering of 
treatment sludge was suggested by Snyder (Snyder, G. et al. 1981). Cognot 
proposed the design of a continuous flow reactor with a number of parallel plates 
in bipolar arrangement in an insulating housing (Cognot, C. 1995). A combination 
of electrochemical coagulation and flocculation reactors was described in a 
patent by Goetz (Goetz, J. et al. 1996). Their reactor features two separate 
electrochemical cells, one with sacrificial aluminium electrodes to induce 
coagulation, another one with permanent electrodes for the production of 
hydrogen gas by electrolysis for the purpose of flotation. 
Chantnija filed a patent describing the treatment of natural waters with 
electrocoagulation (Chantnija, V. A. et al. 1998) and proposed a reactor with a 
steel-aluminium alloy as anode plate material. Another patent suggesting a plant 
design for the production of drinking water was published by Almaz (Almaz, A. 
2001) describing a mobile treatment unit for the use in remote areas. The 
proposed method includes an ozonisation step for desinfection and a separate 
flocculation chamber with filter. 
A completely different electrocoagulation technique was patented by Bhatnagar 
(Bhatnagar, S. et al. 1990), who used a corona discharge generated above a free 
flowing wastewater stream to induce the coagulation of dispersed coating 
particles. 
2.6.6 Existing Models for Reactor Description 
A model to predict the cell voltage of an electrocoagulation reactor was proposed 
by Chen (Chen, X. 2002). It was based on the assumption that the voltage is 
comprised of the equilibrium potential, the ohmic potential drop as well as terms 
for the activation overpotential, the concentration overpotential, and the 
overpotential due to the formation of a passivation layer at the anode: 
U=- EOI 
R 
+'/A, 
a 
+1A, 
c 
+ 
177C, 
a 
+ 
I'/C, 
c 
I+ 
'/A, p 
+6J [2.70 
where U stands for cell voltage, n for the correspondent overpotential, g 
for inter- 
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electrode gap, and a and j denote conductivity and current density, respectively. 
To allow the calculation of the cell voltage the overpotential were substituted by 
relations derived from the Tafel equation [2.16] for the activation overpotential 
and the Nernst-Planck equation [2.27] for the other terms. 
The following assumptions were made to derive the model equations: 
- Aluminium electrodes are used. 
- There is no convection near the electrode surface 
- At the anode diffusion and migration of only A13+ ions occurs 
- The thickness of the diffusion layer is dependent on the current density j and 
follows a power law. 
- At the cathode diffusion and migration of only OH- ions occurs. 
- The concentration distribution of OR ions in the Nernst diffusion layer is linear. 
- The pH in the bulk solution is around 7. 
- The passivation overpotential na, p is linked with conductivity a and current 
density j by a power law. 
Unfortunately, the final model equation still contains a large number of variables 
and constants, which have to be obtained experimentally. Since these values will 
vary for different reactor designs and water compositions, the model is limited to 
well known systems only. It can hardly be used for the performance prediction of 
newly designed reactors or up-scaling from bench to industrial scale. However, it 
may serve as a good starting point for the development of more sophisticated 
models. 
Chen validated the proposed model by treating a sulphate solution in a 
continuous electrocoagulation reactor by measuring the cell voltage as a function 
of conductivity and current density. The reactor was equipped with five bipolar 
aluminium electrodes; one set had been in use for one month and was regarded 
as "non-passivated", another set had been in use for three months and was 
considered "passivated". It turned out that for the system studied, the model 
provided a reasonably good fit to the experimental values. Only in the case of 
conductivities below approximately 0.09 S m-1 the deviation of the calculated 
from measured values was significant. It remains doubtful whether the 
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assumption that the electrode, used for one month, was not passivated. As 
discussed in previous sections, the passivation of a surface usually sets in very 
quickly. 
Holt (Holt, P. 2002) proposed the use of an existing model for dissolved air 
flotation (DAF), as outlined by Edzwald (Edzwald, J. K. 1995), to predict the 
coagulation behaviour. The DAF technique utilizes the principle of inducing air 
bubbles in a vessel of water by saturating pressurized water with air and 
subsequent pressure release. However, this model may not be regarded as fully 
applicable to an electrocoagulation reactor, since the coagulation mechanism is 
based on the dissolution of metal ions rather than increased particle contact. 
Furthermore, the influence of an electric field on suspended particles is not 
considered in the model. 
Additionally, there are models published for the description of the conventional 
coagulation method by chemical dosing, e. g. by Dentel (Dentel, S. K. 1988) and 
Thomas (Thomas, D. N. 1999). Although some of them have proved useful for 
predicting the treatment performance of the conventional technique, the 
possibility of applying them to an electrochemical reactor is certainly limited due 
to fundamental differences between both methods, such as the existence of a 
strong electric field in electrocoagulation. 
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2.7. Characteristics of Natural Water 
2.7.1 Typical Composition 
Natural water exhibits a vast variety of physical and chemical properties 
depending on the environment it was exposed to. The work presented here is 
concerned with water from river and reservoir sources. Their main constituents 
are of organic nature (`natural organic matter'), but also minerals, such as 
calcium, manganese and magnesium, and other inorganic ions, e. g. sulphate, 
chloride and carbonate, are present. The organic substances are usually 
represented by the `total' or `dissolved organic carbon' concentration (TOC or 
DOC). Typically, DOC values for coloured river waters are found to be in the 
range of 2 to 10 g m-3, but sometimes up to 50 g m-3 can be measured. A large 
part (ca. 50 to 70 percent) of these organic substances is represented by humic 
substances, which are divided into about one third of humic acid and roughly two 
thirds of fulvic acid. The rest is composed of hydrophobic and hydrophilic 
molecules of relatively low molecular weight (Malcolm, R. L. 1993). 
Humic substances are often black in colour and consist of a large range of 
functional groups with a both aliphatic and aromatic backbone (Figure 2-36). Due 
to its complexity it has not yet been possible to reveal the detailed structure of the 
molecule. A structure proposed by Jones is shown in Figure 2-37 (Jones, M. N. 
1998). 
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These substances are formed as product 
of a decay process transforming 
biomolecules that originate from dead 
organisms and microbial activity. After 
extraction with 100 mol m-3 NaOH, humic 
acid is the fraction of the organic matter 
that is precipitated after acidification at pH 
2. Fulvic acid is the fraction that remains in 
Figure 2-36: Variety of functional groups 
in humic acids (Stumm, W. et al. 1996) solution at pH values 
below that. 
Humic acid is more hydrophobic and has a 
larger molecular weight of 2000 to 5000 Daltons, whereas fulvic acid has a 
smaller content of aromatic groups and a lower molecular weight of 500 to 2000 
Daltons. (Senesi, N. 1993; Stumm, W. et al. 1996). 
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Figure 2-37: Possible structure of a humic acid (Jones, M. N. 1998) 
Humic substances are of colloidal nature. Because of their negative surface 
charge at pH values of less than 9, they show strong interaction with metal 
cations by binding, complexation and adsorption. This affects the mobility and 
solubility of ions in solution. For example, it was shown that the solubility of lead, 
copper and zinc was increased in the presence of humics. In addition, they can 
exhibit redox activity, so that for example ferric ions can be reduced gradually to 
ferrous (Jones, M. N. 1998). 
A number of models have been developed that describe and predict the 
interaction between metal ions and humic substances (Tipping, E. 1994; Jones, 
M. N. 1998; Milne, C. J. 2003; Koopal, L. K. et al. 2005). The pKa-values for the 
dissociation of humic acid show large variations due to the large number of 
different functional groups and are therefore difficult to determine (Dreyer, J. I. 
1988). Tombacz reports pKa -values of 3.7 and 6.6 with a total acidity of 4.6x10-3 
mol(H+) g(HS)-' (Tombacz, E. 2000). Hence, it is likely that at neutral pH humic 
substances are partly deprotonated and are of negative charge. 
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2.7.2 Speciation and Complexation of Aluminium 
Depending on the solution conditions aluminium can form various dissolved and 
precipitated species, such as AIOH2+, AI(OH)2+, AI(OH)3, AI(OH)4- or polynuclear 
A1204(OH)247+. Also `hydroxo' (-OH-) and `oxo' (-0-) bridges can develop 
among species (Stumm, W. et al. 1996). 
Canizares et al. carried out a speciation study to reveal the nature of aluminium 
species produced by conventional chemical coagulation and electrocoagulation 
(Canizares, P. et al. 2006). The method employed a reaction of aluminium ions 
with the molecule `ferron', whereas precipitated aluminium hydroxide was not 
able to react at all. The course of the reaction was monitored spectroscopically 
and the reaction rate was connected to the type of aluminium species. 
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Figure 2-38: Percentage of aluminium species as function of pH produced in electrocoagulation 
and chemical dosing as determined by Canizares; total aluminium concentration: 4gm3 
(Canizares, P. et al. 2006). 
The results of this study show that aluminium hydroxide is the predominant 
species at neutral pH. A significant proportion of the polymeric hydroxo- 
aluminium complex was found too, whereas monomeric hydroxo-aluminium 
mainly exists at very acidic or alkaline pH. There was no significant difference 
between the two dosing techniques used. 
Backes et al. measured the uptake of aluminium ions by humic substances (HS) 
present in solution using equilibrium dialysis (Backes, C. et al. 1987). They 
determined a binding capacity of ca. 1.4 mol(Al) g(HS)-1 at a pH of 4.5, which 
decreased with more acidic pH effectively becoming zero for pH 3. The 
deprotonation of humic substances was reduced to 1/4 of the original value, when 
0.148 mol m-3 aluminium was present in a solution of 80 g m-3 HS. This effect 
was attributed to the complexation of aluminium with humic acid preventing the 
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release of a large proportion of H+ from the humic molecules. 
The interaction of aluminium 
oxide (boehmite, AIOOH) with 
+ Ak©t3 'AX°`)' humic acid was investigated by 
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00 
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Figure 2-39: Aluminium species as function of pH calculations was presented (Tombacz, E. 2000) 
(Figure 2-39). It appears to be 
very similar to the results published by Canizares et al.. Adsorption isotherms of 
humic acid on aluminium oxide showed a Langmuir-type behaviour. The amount 
of adsorbed molecules increased with increasing ionic strength independent of 
solution pH. Due to the negative charge of humic acid at neutral pH a relatively 
strong interaction with positively charged aluminium(III) ions can be assumed. 
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3.1. General Remarks 
The electrochemical measurements in this work were mainly carried out with 
Autolab potentiostats PGStat 100 and PGStat 30 (Eco Chemie B. V., Utrecht 
(NL)). In the bench-scale electrocoagulation experiments an EG&G Princeton 
Applied Research 273 (AMETEK Princeton Applied Research, Oak Ridge, TN 
(USA)) was used, since it was capable of maintaining cell voltages of up to 100 
V. All chemicals used were of ACS reagent grade or better and sourced from 
Sigma-Aldrich (Sigma-Aldrich Company Ltd., Gillingham (UK)). A Mettler-Toledo 
AG245 balance (Mettler-Toledo Ltd., Leicester (UK)) was used to weigh the 
chemicals for solution preparation. Aluminium electrodes were wet-polished with 
surface polishing equipment (Buehler Ltd., Lake Bluff, IL (USA)), using P600 and 
P1200 grade SiC paper, as well as the grinder-polisher Buehler Alpha with a 
ChemoMet cloth. 
A solution of 0.5 mol m-3 Na2SO4 was used as the base electrolyte for all 
measurements, since its conductivity of ca. 0.014 S m-1 was similar to the raw 
water source at a typical water treatment site of Yorkshire Water. As main 
contaminants humic acid and sodium chloride were added to the solution in 
concentrations as specified in the corresponding results section. A fresh solution 
was prepared for every measurement. 
Usually, de-ionised water was used, supplied by a reverse osmosis system 
(Elgastat Prima; Elga, Marlow (UK)) with a typical conductivity of 1.6x10-3 S M-1. 
For analytical purposes, such as the production of calibration standards, the 
water was further purified by an Elga Elgastat Maxima system to achieve a 
conductivity of 1 x10-6 S M-1. Saturated calomel electrodes (Cole-Parmer 
Instrument Co., Vernon Hills, IL (USA)) were used as reference throughout. All 
potentials are given in relation to saturated calomel (SCE). 
The Autolab system allowed the compensation for IR drop between the tip of the 
Luggin probe and the electrode surface, by specifying the resistance value that 
needs to be compensated, in the control software. There are three techniques to 
measure the IR drop of the electrochemical systems used in this work: feedback 
loop, current interruption and impedance spectroscopy. All of these methods are 
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experimentally cumbersome. As it is shown in section 4.4.2, the impedance 
spectrum at high frequencies was rather ill-defined, so that this method could not 
be used. The equipment used did not provide a feedback loop measurement, 
whereas the current interruption technique proved to give rather erratic data. 
The maximum ohmic potential drop in a standard three-electrode cell occurred 
during the characterisation of stationary plate electrodes, to which current 
densities of up to 4.2 A m-2 were applied, as described in section 3.3.2. Assuming 
an electrolyte conductivity of 0.014 S m-1 and a distance of 0.5 mm between the 
tip of the Luggin probe and the electrode, an ohmic potential drop of 0.15 V 
would result. In potentiostatic experiments, the steady state current density 
observed was of the order of 10-8 A and hence the IR drop was negligible. 
However, as will be discussed in chapter 5.4.4, the surface topography of the 
working electrode as well as the dissolution mechanism of the electrode material 
creates local IR-drops, for example along the length of dissolution pits, that are 
much higher than the value estimated above. It is suggested that the apparent 
electrode potential is of little importance to the actual physico-chemical conditions 
at the micro- and nano-scale, which govern the overall electrochemical behaviour 
of the working electrode. Therefore, it was decided to not use IR drop 
compensation in this work. 
3.2. Rotating Ring-Disc Experiments 
A rotating disc electrode was used for the voltammetric investigation of 
aluminium in electrolyte solution. It has the advantage of creating well-defined 
hydrodynamic conditions at the electrode surface. A Pine Instruments E6 system 
was used (Pine Instrument Company, Grove City, PA (USA)), that included the 
shaft, rotator and a tip with interchangeable discs (Figure 3-2). The tip was 
removable and consisted of PTFE, housing an aluminium disc of 99.99 % purity 
and a platinum ring placed concentric around the disc. The ring was controlled 
independently at a potential that would ensure the oxidation of H2 to H+, in order 
to determine the amount of hydrogen produced at the disc; the collection 
efficiency was stated 26 % by the manufacturer and as calculated theoretically 
(Albery, W. J. et al. 1971). The outer diameter of the disc was 5 mm, the inner 
and outer diameter of the ring was 6.5 mm and 7.5 mm, respectively, with a total 
tip diameter of 15 mm. A three-electrode cell as shown in Figure 3-1 was used in 
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these experiments with a platinum flag counter-electrode and a saturated calomel 
reference electrode. 
A-R t ti i di k l o a ng r ng- s e ectrode system 
C 
N 
B- Counter electrode 
Z 
C-ý C- Reference electrode B 
D- Luggin probe 
® 
E- Ion exchange membrane 
Glass cell 1, === A 
F- Electrolyte 
= _= 
-------------- ---- ---- -- ---- 
-------- -- --- 
--------------- 
---- ------------- E }t 
Side view 
Rotation 
----- Insulator 
---Ring 
..... Disc 
End view 
---_------- Ring 
..... -. --. Disc 
Teflon insulator 
Teflon insulator 
Figure 3-1: Schematic of rotating ring-disc setup Figure 3-2 Schematic of 
ring-disc electrode 
The aluminium disc was delivered by Pine Instruments with a mirror finish. Prior 
to each experiment, it was taken out of the tip and polished wet with 50 nm 
alumina powder and de-ionised water following the instructions given by Pine 
Instruments. Afterwards, the disc was reinserted, the shaft reassembled and the 
tip immersed in solution. The measurement solution was de-oxygenated with 
nitrogen bubbling for 30 minutes prior to each measurement and kept under a 
nitrogen atmosphere by bleeding nitrogen gas above the solution into the cell. 
Before the start of a measurement, a potential of -2.1 V(SCE) was applied for 
240 s to attain more reproducible surface conditions. 
3.3. Stationary Electrode Experiments 
Rotating disc electrodes are prone to accumulation of hydrogen bubbles at their 
surface due to hydrogen evolution, when relatively high negative potentials are 
applied, which results in a distorted current density distribution and unreliable 
electrochemical information. The vertical position of this electrode was preferred 
to the horizontal position of the rotating disc electrode (Figure 3-1), since it allows 
bubbles an easier escape and thus provides less disturbance for measurements. 
Therefore, vertical stationary electrodes were used for potentiostatic and 
galvanostatic measurements and for impedance spectroscopy. A standard three- 
electrode cell was used for these experiments with a platinum flag counter- 
electrode in a compartment separated from the main cell by a glass frit and a 
saturated calomel reference electrode (Figure 3-3). After pre-treatment the 
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electrode (Figure 3-4) was immersed in the solution, which was then 
deoxygenated by bubbling nitrogen. The cell was kept under a N2 -atmosphere 
throughout the experiment. All experiments were carried out in a Faraday cage to 
minimise electrical noise due to adventitious electromagnetic radiation. 
The working electrode consisted of a small rectangular aluminium plate with an 
active area of ca. 2- 4x10-5 m-2 connected at the back to a copper wire. The 
arrangement was shrouded by a glass tube and sealed with epoxy resin 
(Araldite, RS components Ltd., Corby (UK)) at both ends. Only the active surface 
area of the aluminium plate was kept uncovered. 
N2 
stationary working electrode 
counter electrode 
lt 
- 
reference electrode 
Luggin probe 
Figure 3-3: Schematic of stationary electrode set-up 
I' 
'L. _ 
Figure 3-4: Stationary 
working electrode 
Two types of aluminium material were used: technical grade aluminium 1050 
(99.5 % purity; Aldruscilla, London (UK)) and high purity aluminium (99.99 %; 
Alfa-Aesar, Heysham (UK)). The maximum impurities concentration of A11050 is 
given in Table 3-1. 
Impurity Cu Si Fe Mn Mg Zn 
Content limit 0.05 0.25 0.4 0.5 0.05 0.05 1 wt. % 
Table 3-1: Maximum amount of impurities in technical grade aluminium 1050 (Aldruscilla, London 
(UK)) 
This equipment was used in three types of experiments. 
3.3.1 Effect of Humic Acid and Chloride on Electrochemical Impedance 
A single stationary electrode was used for these experiments with an active area 
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of 3.53x10-5 m2 consisting of aluminium 1050. In order to obtain reliable and 
quantifiable data, the following procedure was carried out prior to each 
measurement: 
- Wet polishing with 50 nm alumina powder to `mirror finish'. 
- Immersion into 10 mol m-3 NaOH solution for 240 s (as recommended by Frers 
(Frers, S. E. 1990)) 
- Transfer into measurement solution and bubbling of nitrogen for ca. 30 minutes 
to remove dissolved oxygen from the dissolution. 
- Application of -2.1 V(SCE) for 300 s. 
- Application of a constant measurement potential of -1.0, -0.6, and -0.2 V(SCE) 
for 30 minutes. 
Impedance measurements were carried at the three potentials given above with 
an AC-signal amplitude of 0.01 V, as in Sulka (Sulka, D. G. et al. 2007), Martin 
(Martin, F. J. et al. 2005), and Bessone (Bessone, J. B. et al. 1992). A frequency 
range of 1 x10-3 to 1 x104 Hz was used with 50 logarithmically distributed data 
points together with the following adjustments: 
- Integration time: 5 s. 
- Cycle number for integration: 5. 
- Number of cycles to reach steady state: 10. 
- Maximum time to reach steady state: 5 s. 
Three types of electrolyte solutions containing sodium sulphate, sodium chloride 
and humic acid were used: 
1.0.5 mol m-3 Na2SO4 
2.0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid 
3.0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 mol m-3 NaCl 
Due to pitting corrosion leading to an unsteady current signal, the final 
measurement potential in solution 3 had to be altered from -0.2 to -0.4 V(SCE), 
which is just slightly above the pitting potential in this system. The concentration 
of humic acid and sodium chloride were identified to be representative of the 
typical concentrations in the raw water inlet at Chellow Heights Water Treatment 
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Works, Bradford (UK). 
3.3.2 Characterisation of Aluminium Electrodes 
Stationary electrodes were also used for the characterisation of aluminium 
electrodes under potentiostatic and galvanostatic conditions. Electrodes of 
technical grade ('techn') and high purity (`pure') were prepared in three 
roughness grades, as presented in Table 3-2. 
roughness grade 1: rough 2: medium 3: smooth 
electrode type and 
number 
technl purel techn2 pure2 techn3 pure3 
electrode area /x 105 m2 3.72 3.9 3.54 2.77 4.22 2.10 
current density /A m-2 2.69 2.56 2.82 3.61 2.37 4.76 
Table 3-2: Electrode area and applied current density of high purity aluminium ('pure') and 
technical grade aluminium All 050 ('techn. ') electrodes used in galvanostatic experiments 
Each electrode was freshly pre-treated prior to an experiment. The procedure 
was simplified compared to the previous impedance measurements (section 
3.3.1) to obtain a more industrially relevant electrode surface finish: 
1. Polishing of electrodes: 
a. purel and technl: Polishing with P1200 SiC paper (rough finish). 
b. pure2 and techn2: additional polishing with alumina paste of 300 nm 
grain size (medium finish). 
c. pure3 and techn3: additional polishing with alumina paste of 300 nm 
grain size and 50 nm grain size (smooth finish). 
2. Rinsing with de-ionised water. 
3. Wiping with an acetone-soaked tissue to remove organic contaminants. 
4. Rinsing with de-ionised water. 
5.5 minutes in ultrasonic bath in de-ionised water to remove particulate 
contaminants from previous polishing step. 
After pre-treatment, the electrodes were immediately transferred to the 
measurement solution, in which they remained during de-oxygenation by 
bubbling nitrogen for at least 30 minutes prior to an experiment. During 
measurements, the solution was kept under a nitrogen atmosphere. 
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Two types of solutions were used: 
1.0.5 mol m-3 Na2SO4 
2.0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid 
Solution 1 had a conductivity of ca. 0.014 S m-1 and a pH of ca. 7, whereas 
solution 2 had a slightly higher conductivity of ca. 0.016 S m-1 and a pH of ca. 6.5 
due to the acidic properties of humic acid. Three measurement procedures were 
carried out: 
a) Determination of current and potential time transients of freshly prepared 
electrodes, with additional measurement of electrochemical impedance 
spectra: 
1. Constant potential E= -0.55 V(SCE) for 30 minutes 
2. Impedance spectroscopy at E= -0.55 V(SCE) in a frequency range of 
1x104 to 5x10-2 Hz 
3. Constant current I=1 x10-4 A, which corresponds to ca. 3A m-2 dependent 
on the exact electrode size, for 10 minutes 
4. Constant potential E= -0.55 V(SCE) for 30 minutes 
5. Impedance spectroscopy at E= -0.55 V(SCE) in a frequency range of 
1x104 to 5x10-2 Hz 
6. Constant current I=1 x10-4 A for 10 minutes 
The procedure was aimed at investigating the development of the working 
electrode impedance behaviour before and after a galvanostatic dissolution 
process, as well as the influence of surface repassivation by the application of a 
constant potential. Steps 1 and 4 were applied to ensure a time-independent 
current signal for the measurement of an impedance spectrum at potentiostatic 
control, which was carried out in steps 2 and 5 before and after a galvanostatic 
aluminium dissolution process (step 3). The final step was employed to study the 
impact of constant potential passivation steps on the current-time transient during 
galvanostatic operation. The same impedance spectroscopy settings were used 
as described in section 3.3.1. 
The potential of -0.55 V (SCE) was chosen to be just above the reversible 
potential for hydrogen evolution of ca. - 0.65 V (SCE) at pH 7 and just below the 
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pitting potential of -0.52 V (SCE), as identified in chapter 4.2.2. Hence, both 
pitting corrosion and the occurrence of an additional reduction current due to 
hydrogen evolution were avoided. 
b) Characterisation procedure as in a) after storage of the sample electrode in a 
sealed glass jar for 72 hours in a solution identical to the measurement 
solution. 
c) A constant current of 1 x10-4 A was applied for 24 hours, during which the 
potential response was monitored. This experiment aim at investigating the 
long-term time-dependent behaviour of the electrode potential. 
3.3.3 Determination of Aluminium Dissolution Efficiency 
The same equipment was used for batch dissolution experiments. However, the 
counter electrode was placed in the main cell, since the large distance from the 
separate counter electrode compartment to the working electrode caused a large 
potential drop, that was beyond the operational limit of the potentiostat. The 
aluminium working electrode `technl' was polished with SiC paper of P600 
grade, rinsed with de-ionised water and immediately inserted into the 
measurement solution before it was de-oxygenated with nitrogen gas. Electrolyte 
solutions contained 0.5 mol m-3 Na2SO4 with varying concentration 
concentrations of humic acid (0.0,10,20,30 g m-3) and NaCl (0.0,8.8,38.5,50, 
100 g m-3). Measurements were carried out at a constant current of 0.00186 A (= 
50 A m-2) for 3600 s. Afterwards, the solution was transferred to a 500 ml 
volumetric flask. The glass cell, in which the experiment had been carried out, 
and all its parts were rinsed thoroughly with 5 vol% HNO3 the rinsing solution 
added to the volumetric flask. Finally, the flask was topped up to 500 cm-3 with 
diluted HNO3. The total aluminium concentration was determined by ICP. Taking 
into account the maximum error given by the manufacturers of all the devices 
used the systematic experimental error was estimated as 3 %. 
3.4. Bench-Scale Electrocoagulation Reactor 
A continuous bench-scale reactor system was developed to assess the 
electrocoagulation process in laboratory experiments (Figure 3-5). It consisted of 
a rectangular PMMA (Perspex) reactor body that held a pair of plate electrodes 
with an inter-electrode gap of 0.002 m and was designed with an entry zone of 
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0.19 m length to ensure fully developed flow. The zone length was calculated 
from data reported in the literature (Pickett, D. J. et al. 1974). 
l 
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-/ 
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Figure 3-5: Picture of electrocoagulation Figure 3-6: Dimensions of electrocoagulation 
bench-scale reactor with attached reference bench-scale reactor and electrodes 
compartments 
The electrode potentials at anode and cathode were monitored by two calomel 
reference electrodes that were situated in compartments connected by tubes to a 
drill hole in the side of the reactor leading to the reactor flow channel. A 
corresponding hole in the plate electrodes ensured a liquid connection between 
the reference compartments and the solution in the reactor during operation. In 
this way, the electrical potential was measured at the electro-active surface of the 
electrode around this hole. Before the reference electrodes were inserted into the 
compartment, it was made sure that no bubbles were trapped in the liquid 
connection to the reactor flow channel. Plate electrode areas that were not 
supposed to be electro-active, i. e. the top end and back of the plate, as well as 
the inner area of the reference hole, were covered by acrylic varnish (RS 
components Ltd., Corby (UK)). The plates were 3 mm thick with dimensions 
displayed in Figure 3-6. The anode consisted of A11050, whereas platinised 
titanium mesh and stainless steel were used as cathode materials. 
A fresh anode was prepared for every experiment. The electro-active surface 
was degreased by wiping with an acetone-soaked tissue, rinsed with de-ionised 
water, ground with SiC paper of grade P600 and rinsed again with de-ionised 
water immediately before use. The cathode surface was degreased with acetone 
and rinsed with de-ionised water. There was no visible sign of corrosion or 
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degradation on both cathode materials at any time of the experiments. 
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Figure 3-7: Schematic of bench-scale electrocoagulation continuous flow circuit 
A schematic drawing of the flow circuit is shown in Figure 3-7. An inlet reservoir 
drum contained usually 20 dm3 of the raw solution before treatment. It was 
pumped through the reactor by a diaphragm pump entering at the reactor bottom 
with the flow rate being controlled by a DC power supply (Thurlby PL320) and 
monitored by an electronic flow meter (McMillan 106 Flo-Sensor; McMillan, 
Georgetown, TX (USA)). When the solution had passed the electrocoagulation 
zone between the electrodes, it left the reactor through a hole in the side and 
streamed into a large glass beaker, in which it was stirred continuously 
(flocculation stage). The pH and conductivity in the beaker were measured with a 
Hach-Lange Sension (Hach-Lange, Manchester (UK)), and, if necessary, the pH 
was adjusted with dilute sulphuric acid at ca. 6.5 to induce flocculation. The 
flocculated solution was pumped to an outlet reservoir, where the flocs settled, 
forming sludge and the clear supernatant was sampled. Eventually, the 
supernatant was discarded. 
The process was controlled by a potentiostat (EG&G Princeton Applied Research 
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273), that also recorded the anode potential. Cathode potential, cell voltage, 
outlet pH and conductivity, as well as flow rate were recorded by a data 
acquisition board (NI DAQPad 6015; National Instruments, Austin, TX (USA)) 
connected to a computer; the necessary code was programmed in Labview 8.2. 
Samples were taken from the reactor outlet stream regularly at intervals of ca. 
every 10 minutes during operation for aluminium(III) analysis by inductively 
coupled plasma spectroscopy (ICP) and from the supernatant for colour (UV254) 
and total organic carbon (TOC). 
The raw solution was not de-oxygenated, in order to simulate more realistic 
conditions. Therefore, the current efficiency of the process may have been 
reduced due to the reduction of dissolved oxygen to H2O. 
3.5. Electrocoagulation Pilot Plant 
Simultaneous to the work on the bench-scale system an electrocoagulation pilot 
plant was commissioned. The pilot plant was developed and manufactured by 
Axonics Ltd. (Swansea (UK)) and operated at the Yorkshire Water treatment site 
Chellow Heights in Bradford (UK) to use the original raw water supply. On this 
site two supplies from natural sources, called Chelker and Nidd, are used 
continuously to produce drinking water for the city of Bradford. The Chelker 
supply has a pH of ca. 8 and is usually of stronger colour than the Nidd supply, 
whose pH is about 6. These sources are mixed dependent on their respective 
rate of inflow to create a common raw water stream before any treatment is 
carried out. 
As raw water supply for the pilot plant Chelker was chosen, because of the 
higher concentration of organic matter providing a greater challenge to the 
process. Before the mixing point of the two incoming raw water streams the water 
was pumped out of the Chelker stream into an inlet tank (Figure 3-8). The water 
level of this tank was kept constant with an ultrasonic level control, that was 
connected to the pump, switching it on if necessary. When the electrocoagulation 
process was started, a feed pump provided a constant stream of raw water from 
the inlet tank through the electrocoagulation reactor into the flocculation tank. 
From there the water flowed over a weir into a lamellar clarifier, where sludge 
and clear supernatant were separated. 
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Figure 3-8: Schematic of pilot scale electrocoagulation continuous flow circuit 
The reactor consisted of a pair of parallel square plates with an inter-electrode 
gap of ca. 4.5 mm, a plate thickness of 10 mm, a side length of 0.3 m and hence 
an active area of 0.09 m2. The anode was made of aluminium 1050, whereas the 
cathode was stainless steel. The raw water streamed through the reactor from 
bottom to top. The subsequent flocculation stage employed a slow-running plate 
stirrer to promote inter-particle collisions and provide mixing for the dilute 
sulphuric acid that was dosed to adjust a pH of ca. 6.5. The clarifier had two 
outlets for supernatant and sludge that were connected to a waste water drain. 
The reactor was operated at a constant current that was adjusted by a touchpad 
at the power supply, which also showed the resulting cell voltage. Additionally, 
the feed pump performance could be adjusted and was usually set at a value of 
ca. 1 m3 h-1. Assuming the rheological properties of water at 273 K, this 
translates into a Reynolds number of 1824 for single phase flow, i. e. ignoring the 
hydrogen bubbles from the cathode. 
An in-line filter was fitted in the inlet pipe, which was often blocked by solid 
organic contaminants, so that the pressure drop increased and a lower flow rate 
was the result. On the recommendation of Axonics Ltd., wash cycles were used 
to decrease the effect of electrode passivation. In a wash cycle, whose frequency 
could be adjusted at the power supply control panel, the feed pump was set to 
100% performance, which resulted in a flow rate of ca. 3.5 m3 h-1, with the water 
leaving the reactor through a separate pipe to the waste water drain, bypassing 
the flocculation tank and clarifier. 
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Figure 3-9: Picture of electrocoagulation pilot plant 
Several parameters were monitored online during an experiment using an 
electronic data acquisition device (Endress und Hauser, Reinach (Switzerland)): 
inlet pH and conductivity, flow rate, current and voltage at the power supply as 
well as pH and conductivity in the flocculation tank. After each experiment data 
was downloaded from the acqusition device and used for further analysis. In 
addition, samples were drawn from the raw water stream and from the treated 
water in the clarifier. These were analysed by the Yorkshire Water analytical 
services for aluminium(III) concentration by ICP and for chloride ion 
concentration by liquid ion chromatography. The treated water was also analysed 
for turbidity and colour (UV254). An image of the plant is shown in Figure 3-9. 
Prior to some experiments the anode plate was pre-treated by the application of 
a mechanical grinder power tool (AEG Elektrowerkzeuge, Winnenden 
(Germany)) using SiC paper of roughness grades P80 and P120. Conductivity 
meters were sourced from Endress und Hauser and calibrated with a 0.05 S m-1 
conductivity standard (VWR). The pH meters were made by Liquid Metering 
Instruments (Liquid Metering Instruments Ltd., Winsford (UK)) and calibrated with 
a two-point calibration with standards of pH 4.0 and 10.0 (VWR International Ltd., 
Lutterworth (UK)). 
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3.6. Analytical Techniques and Methods 
3.6.1 pH and Conductivity 
These measurements were carried out with a Hach-Lange Sension combined 
conductivity-pH meter (Hach-Lange, Manchester (UK)). The conductivity probe 
had a Pt electrode, whereas the pH meter employed a liquid gel and glass 
electrode. The meter had an RS232 interface to send its data to a computer, 
which used an appropriate Labview programme to read the data stream into an 
Excel-sheet. The meter was calibrated regularly; the pH probe was subject to a 
three-point calibration with pH buffers of values 4.0,7.0 and 10.0. The 
conductivity probe was calibrated with a 0.05 S m-1 KCI standard (Sigma-Aldrich 
Company Ltd., Gillingham (UK)). 
3.6.2 UV-Spectroscopy 
In this method a light beam passes through a liquid sample. Dependent on the 
sample characteristics the beam will be attenuated by light absorption. The 
intensity of the beam after the sample is compared to a blank and the intensity 
change at specific wavelengths related to a contaminant concentration (Mermet, 
J. -M. et al. 2004). In the present case, UV-spectroscopy was used to measure 
the light absorption at a frequency of 254 nm, in order to determine the colour 
intensity of a water sample. An Agilent 8453 spectrophotometer was used with a 
10 mm wide quartz cuvette and de-ionised water as blank. The sample was 
filtered with an unused syringe filter of 0.45 pm pore size before measurement. 
3.6.3 Inductively Coupled Plasma Spectroscopy (ICP) 
In this method, a high frequency, high energy magnetic field is applied by a coil to 
a gas stream, in this case Argon, so that the gas is excited and a plasma is 
created. A liquid sample is pumped into the system by a peristaltic pump, 
nebulised and sprayed into the plasma flame, which leads to the excitation of the 
sample. As a result, an emission spectrum can be measured showing peaks at 
wavelengths characteristic for its composition. The concentration of the sample 
components at these wavelengths is determined by calibration of the emission 
intensity (Mermet, J. -M. et al. 2004). 
In the present project, ICP (Perkin Elmer Optima DV 2000; Perkin-Elmer, 
Waltham, MA (USA)) was used to determine the total aluminium(III) 
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concentration in a solution. Since particulate matter may block the nebuliser, the 
samples had to be acidified. Hence, all samples measured by ICP were subject 
to a 50% dilution in 10 vol% HNO3. Prior to a measurement, a two-point 
calibration was carried out using a diluted ICP standard in concentrations below 
and above the expected aluminium concentration in the sample. Each sample 
was measured three times and the arithmetic average computed. Ten 
consecutive measurements of a5g m"3 aluminium(Ill) calibration standard 
showed a standard deviation of 1.1 %. The detection limit for aluminium was in 
the range of 0.1 -1 ppb, as given by the manufacturer. 
3.6.4 Total Organic Carbon (TOC) 
The automatic TOC analyser Shimadzu TOC-V WS (Shimadzu UK Ltd., Milton 
Keynes (UK)) was used for these measurements. The device measures NPOC 
(non-purgeable organic carbon). A sample is pumped into the system and purged 
with nitrogen gas to remove volatile organic compounds. It is then mixed with an 
oxidising agent consisting of sodium persulfate and phosphoric acid and carried 
by a nitrogen gas flow through a reactor unit with a UV lamp and heater operating 
at 80°C. Here, the sample is decomposed and oxidised completely to C02 and 
swept further to a detector that measures the C02 concentration in the gas flow. 
In the beginning of a measurement procedure, the device was rinsed with 
copious amounts of de-ionised water. Three individual measurements were made 
of each sample and the average result computed. 
3.6.5 X-ray Fluorescence Spectroscopy (XRF) 
XRF uses X-rays to excite a sample, which leads to the emission of a 
fluorescence spectrum. A spectrometer records its peak wavelengths, 
characteristic for specific elements, and their intensity, proportional to the 
element's weight fraction (Mermet, J. -M. et al. 2004). A Bruker AXS S4 Explorer 
(Bruker AXS Ltd., Coventry (UK)) was used to measure a powder sample deposit 
from the surface of an aluminium anode. The spectrometer was not able to 
determine elements, such as oxygen, nitrogen and carbon, with atomic masses 
below fluorine in the periodic table. 
3.6.6 Liquid Ion Chromatography 
In this technique the liquid sample is mixed with a carrier fluid (mobile phase) and 
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passed through an ion-exchange material (stationary phase), which attracts and 
exchanges ions from the mobile phase. The adsorbed species are continuously 
flushed out of the column by the carrier and detected by a conductivity probe. In 
this way the ionic composition of the sample can be determined. The method was 
used with a Dionex DX-120 (Dionex Corp., Sunnyvale, CA (USA)) to measure the 
concentration of a range of ions in raw water sampled from the Chellow Heights 
water treatment site. 
3.6.7 White Light Interferometer 
An interferometer uses the interference of two or more light beams being 
reflected from a surface to determine the topography of a sample. In this study a 
Zygo white light interferometer (Zygo Corp., Middlefield, CT (USA)) was used to 
measure the surface roughness of aluminium electrodes (section 3.3.2). The 
Zygo software MetroPro 8.1.5 was used to analyse the data and compute the 
values for Ra and rms, as defined below: 
n 
Ra=-lyil [3.1] 
n; =1 
rms= [3.2] 
n , _, 
with n being the number of characteristic points and y; the distance from the 
mean line of the it" data point along a horizontal trajectory through the surface 
topography. 
3.6.8 Atomic Force Microscopy 
Surface imaging with atomic force microscopy (AFM) was carried out using a 
Veeco MultiMode device with a liquid cell (Veeco Instruments Inc., Plainview, NY 
(USA); Figure 3-10). An AFM scans a small tip mounted on a cantilever over the 
sample surface. The tip deflection is monitored by a laser beam reflected from 
the back of the cantilever (Figure 3-11). In the tapping mode, as used in these 
experiments, the cantilever oscillates at a frequency of and amplitude of 20 - 100 
nm and shortly touches the sample surface at the bottom of its swing. In order to 
maintain a constant oscillation amplitude, the tip is moved vertically, which is 
monitored by the photodiode detector and controlled by a feedback loop. This 
movement is recorded by the control software and translated into a topographical 
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image (Veeco 2003). 
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Figure 3-11: AFM in tapping mode (Veeco 
2003) 
As sample a square plate of aluminium 1050 with a surface area of ca. 1 x10-4 m2 
was used. The plate was polished chemically to ensure a `mirror finish' without 
contaminating the surface with polishing aids, such as alumina particles. With 
regard to a recipe published in Shigolev (Shigolev, P. V. 1974), the sample was 
immersed in a mixture of 80 vol% H3PO4 + 10 vol% H2SO4 + 10 vol% acetic acid 
at a temperature of ca. 90°C for 5 minutes. Afterwards it was rinsed with de- 
ionised water. 
The AFM measurement was carried 
out in a fluid cell, also provided by 
Veeco instruments (Figure 3-12), 
Probe 
imaging the surface topography in a 
solution of 0.5 mol m"3 Na2SO4 at a 
re Clip 
scan rate of 1.6 Hz over an area of 
20 x 20 pm. This cell is designed to 
enable measurements on a sample 
within a fluid, such as an electrolyte 
solution, by providing a small cavity 
Packet 
Fluid Cell 
iBottom 5 
Figure 3-12: AFM fluid cell (Veeco 2003) 
with fluid in- and outlet, in which the sample can be placed. The AFM probe was 
held in place by a wire clip. In principle, by providing small reference and counter 
electrodes in contact with the electrolyte solution in which the sample was 
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immersed, this arrangement could be used as a small electrolytic cell, enabling 
the measurement of the time-dependent surface topography in-situ during an 
electrochemical process. Attempts were made to carry out such an experiment, 
but had to be abandoned due to the time-consuming complexity of the 
equipment. 
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4. Electrochemical Characterisation of Aluminium 
4.1. Introduction 
The development of a successful electrocoagulation process requires a sound 
knowledge of the electrochemical behaviour of aluminium electrodes under 
various experimental conditions. Thus, a range of electrochemical techniques 
were applied to investigate this behaviour. Firstly, cyclic voltammetry at rotating 
and stationary aluminium electrodes in various aqueous solutions will be 
presented, followed by the characterisation of aluminium behaviour under 
potentiostatic and galvanostatic control. 
Electrochemical impedance spectroscopic measurements were made to estimate 
the thickness of the passive oxide/hydroxide layer on the electrode surface as a 
function of electrode potential in different solution compositions and before and 
after galvanostatic dissolution, in order to elucidate the effects these parameters 
have on the surface chemistry of the electrode. 
In addition, the results of a finite element model that provides an insight into the 
spatial distribution of ionic species and the development of a pH profile in a 
continuous flow reactor will be presented. Atomic force microscopy was also 
deployed to visualise the surface topography of a smooth, `mirror-finish' 
aluminium electrode. 
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4.2. Voltammetric Characterisation 
4.2.1 Behaviour in Sodium Sulphate Solutions 
The behaviour of an aluminium electrode in a solution of 0.5 mol m-3 Na2SO4 was 
studied with a rotating disc electrode as well as under more realistic conditions in 
the continuous flow bench-scale reactor, described in chapter 3.4. The use of this 
concentration sodium sulphate provided a conductivity similar to the natural 
waters in the Chellow Heights area near Bradford, which serve as a reference 
water for this project, and is known to be electrochemically inert (Bard, A. J. et al. 
1985) and does in this concentration not form compounds with aluminium, as 
shown by thermodynamic calculations in appendix A. Figure 4-1 shows the Tafel 
plot of a linear potential sweep at a scan rate of 1 mV s-' between -2.3 and 0.5 
V(SCE). 
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Figure 4-1: Tafel plot of a linear potential sweep using a rotating aluminium disc electrode in 0.5 
mol m-3 Na2SO4; rotation rate: 2000 rpm, scan rate: 1 mV/s, start potential: -2.3 V(SCE) 
It approximates Tafel behaviour for potentials lower than -1.9 V(SCE), at which 
hydrogen evolution according to equation [2.33] is the sole reaction. An 
estimation of the reversible potential of the system, where the measured current 
approaches zero, can be determined from this graph as -1.45 V(SCE), which 
corresponds to -1 . 21 
V(SHE). This value is more positive then the theoretical 
reversible potential for the formation of AI(OH)3 and A1203, respectively, as 
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determined by the Nernst equation: 
_ -1.472V - 0.0592V " pH [4.1 ] 
EAl}`lAl(OH)3 
E 
At ;` /A/, 0, _ -1.504V -0.0592V " pH [4.2] 
At a pH of 7 the reversible potentials for these two reactions are 
EAI, 
Al(OH)3 =-1.886 V(SHE) and EAI/A12( =-1.918 V(SHE). 
However, it must be noted, that net currents were measured at potentials more 
positive than the reversible potential for aluminium oxidation. As mentioned 
above the reversible potential for the conversion of Al to its oxide/hydroxide 
species is at ca. -2.1 V(SCE), whereas at pH 7 the reversible potential for the 
evolution of hydrogen is at ca. -0.65 V(SCE). Therefore, at potentials between - 
2.1 and -0.65 V(SCE) the measured current net is composed of partial currents 
for aluminium oxidation jAI and water reduction jH2: 
met = JAI + JH, [4.3] 
Since by definition oxidation currents have a positive sign and reduction currents 
are negative, the absolute magnitude of net may be smaller than each of its 
partial currents jAI and jH2. Therefore, the potential at which a net current of zero 
is measured, may not be the actual reversible potential for Al oxidation, but rather 
the point, where jAl and jH2 are of equal magnitude. 
For potentials more positive than the reversible potentials given in equations [4.1 ] 
and [4.2], the increasing overpotential for the formation of A1203 and AI(OH)3 
results in the formation of such phases as passivating surface films, across which 
the applied potential is dropped, limiting the current and the flux of dissolved 
aluminium(III) species into the bulk electrolyte: The electrode is subject to 
passivation. In Figure 4-1 this phenomenon is clearly indicated by a Tafel slope 
of close to infinity for potentials greater than -1.3 V(SCE). 
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Figure 4-2: Cyclic voltammograms of rotating aluminium disc electrode at varying rotation rates; 
0.5 mol m-3 Na2SO4, scan rate: 10 mV s-1, step size: 1 mV 
Figure 4- 2 shows consecutive cyclic voltammograms of an aluminium disc 
electrode at varying rotation rates in the same solution used to generate Figure 
4-1. The cycle was started at a potential of -2.0 V(SCE) and swept at a scan rate 
of 10 mV s-' to 0.0 V(SCE), from where it returned to -2.0 V(SCE). For potentials 
more negative than -1.5 V(SCE), where hydrogen evolution is the predominant 
reaction, a steep decrease in current density was observed with increasingly 
positive potentials resulting from a decrease in overpotential for this reaction. At 
potentials between -1.5 and -1.1 V(SCE) the voltammetry curves level out, the 
reason of which is currently unclear and would require further investigation. A 
very small current increase was observed for potentials more positive than -1.1 
V(SCE), which can be attributed to the passive layer growing on the electrode 
surface inhibiting the transport of dissolved aluminium despite the increasing 
overpotentials for this reaction. 
For mass transport controlled processes, an increased rotation rate will lead to a 
higher current to be measured at a constant overpotential. This behaviour can be 
seen in Figure 4-2 for potentials below ca. -1.5 V(SCE), where hydrogen 
evolution dominates. It can be assumed that the blanket of hydrogen gas 
covering the electrode at these low potentials is thinned by the increased rotation 
speed, so that the passage of current is improved. 
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However, at potentials more positive than -1.5 V(SCE), at which electrode 
passivation became significant, the effect of rotation speed on the current was 
very small. The fact that the current at the positive potential limit for 80 rpm was 
slightly higher than at higher rotation rates was due to the sequential nature of 
the measurement with this forming the first step in a sequence without 
mechanical pre-treatment of the electrodes in between individual potential scans. 
On the negative-going potential sweep to the potential limit of -2.0 V(SCE), the 
current decayed rapidly to zero, due to the already existing passive layer formed 
at the electrode surface. The rate of hydrogen evolution at potentials more 
negative than ca. -1.5 V(SCE) now appeared to be much lower than for the less 
passivated surface at the start of the cycle, indicating that a less passivated 
surface provided a more active catalyst for hydrogen evolution. 
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Figure 4-3: Cyclic voltammograms of rotating aluminium disc electrode at varying scan rates; 0.5 
mol m-3 Na2SO4, rotation rate: 80 rpm, step size: 1 mV 
Figure 4-3 shows cyclic voltammograms between -2.0 and 0.0 V(SCE) for scan- 
rates varying between 5 and 100 mV s -1. Although oxidation current densities 
decreased rapidly with decreasing scan rates at potentials more positive than - 
1.7 V(SCE), integration of those current densities between -1.5 and 0.0 V(SCE) 
revealed that the same charge was passed for all measurements. An 
approximately linear current-potential relationship was observed for potentials 
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more positive than -1.4 V(SCE), due to the ohmic properties of the passive film 
dominating the overall resistance to current flow. The quick current drop for 
decreasing potential could be interpreted as a sign for capacitive film behaviour. 
During a positive-going sweep, i. e. increasing overpotentials, the passive layer is 
constantly charged, whereas a negative-going sweep and hence decreasing 
overpotentials lead to a discharging of the layer. Due to its capacitive properties 
this process is slower than the actual sweep rate, so that the resulting currents 
are much smaller than on the positive-going sweep. If the current density was 
capacitive and the capacitance did not change with potential, then the current 
would be a linear function of potential sweep rate: 
dQ=j=C. dE 
dt dt 
[4.4] 
This was confirmed in the above experiments. 
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Figure 4-4: Cyclic voltammograms of stationary aluminium electrode in continuous bench-scale 
plant; 0.5 mol m-3 Na2SO4, flow rate: 2.778x10-6 m3 s-', scan rate: 10 mV s-', step size: 1 mV, 
counter electrode: platinised titanium. 
Cyclic voltammograms of larger scale plate electrodes in a continuous flow 
reactor descrbed in chapter 3.4 (electrode area 1.22x10-3 m2) showed similar 
behaviour. Figure 4-4 displays three independently reproduced voltammograms 
of an aluminium electrode between -2.0 and 0.0 V(SCE) in the continuous bench- 
scale reactor with a platinised titanium mesh as counter electrode. As already 
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seen in Figure 4-2 and Figure 4-3, significant currents were generated only at a 
potential below -1 .5 V(SCE), at which hydrogen evolution was predominant. At 
more positive potentials, the hydrogen partial current density decayed with 
decreasing overpotential and net current densities approached zero due to 
negligible aluminium oxidation current densities. 
Hence, aluminium dissolution rates were negligible at constant potential. 
Significant dissolution can be achieved only when the potential was increased 
quickly, as shown in Figure 4-3 for 100 mV s-'.; with decreasing potential sweep 
rate, aluminium oxidation current densities tended to zero, as did rates of 
aluminium dissolution. 
4.2.2 Behaviour in Solutions Containing Sodium Sulphate, Sodium 
Chloride and Humic Acid 
The main components of natural water that may have an impact on the 
electrochemical properties of aluminium electrodes are represented by humic 
acid and chloride ions. The following Figure 4-5 shows a typical cyclic 
voltammogram of an aluminium electrode in a solution containing sodium 
sulphate and chloride in comparison to pure sodium sulphate solution. 
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Figure 4-5: Cyclic voltammograms of rotating aluminium disc electrode in 0.5 mol m-3 Na2SO4 and 
0.5 mol m-3 Na2SO4 + 0.4 mol m-3 NaCl; rotation rate: 80 rpm, scan rate: 10 mV s-', step: 1 mV. 
The addition of chloride ions led to a dramatic increase in dissolution current 
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density for potentials greater than -0.52 V(SCE), which is a clear indication of 
pitting corrosion; as pointed out in chap ter 2.2.5, chloride i ons are well-known 
pitting promoters. Th e initially increased current density on the negative-going 
potential sweep from 0.0 to -2.1 V(SCE) originates from the larger surface area 
being created by the pits. The measured pitting potential Ep; t of -0.52 V (SCE), is 
close to the value of -0.49 V (SCE) determined by Lee et al. in similar conditions 
(Lee, W. J. 2000). 
When humic acid of concentrations from 1 to 10 g m"3 was added to the chloride 
containing solution, the increase in current density for potentials greater than Ep; t 
was much less pronounced (Figure 4-6). Increasing concentrations of humic acid 
led to decreasing corrosion currents, with the basic shape of the curve as well as 
the location of Ep; t remaining unchanged. Therefore, humic acid can be 
considered a pitting inhibitor. This can be attributed to the large size of the humic 
acid molecule, that can inhibit ionic mass transfer when adsorbed at the 
electrode surface. 
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Figure 4-6: Cyclic voltammograms of rotating aluminium disc electrode in 0.5 mol m-3 Na2SO4 + 
0.4 mol m-3 NaCl and 0.5 mol m-3 Na2SO4 + 0.4 mol m-3 NaCl + 1,5, and 10 g m-3 humic acid; 
rotation rate: 80 rpm, scan rate: 10 mV s-', step: 1 mV. 
Hence, sodium chloride is an essential component for the successful dissolution 
of aluminium at neutral conditions, since it triggers the growth of corrosion pits 
that lead to a dramatically increased dissolution current for electrode potentials 
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greater than Epit. The presence of humic acid in the solution diminishes this 
effect; however, a complete passivation of the electrode surface caused by the 
adsorption of humic acid was not observed in the concentration range studied. 
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4.3. Potentiostatic and Galvanostatic Characterisation 
4.3.1 Introduction 
In pilot plant or industrial scale an electrocoagulation process is usually operated 
in galvanostatic mode due to the requirement of achieving a constant aluminium 
dosage. However, potentiostatic operation has the advantage, that the electrode 
potential is known and controlled. In this way a steady state is achieved and the 
constant growth of a passivation layer can be avoided. 
In the previous section 4.2.1 it was shown that the application of an oxidising 
overpotential to the electrode leads to the formation of a passive layer inhibiting 
aluminium dissolution. In order to pass a current through this layer, an additional 
driving force is necessary; the thicker the layer, the larger the driving force has to 
be. However, a higher overpotential also results in a thicker oxide layer, which 
again requires a larger driving force to pass the required current. Hence, the 
oxide film thickens continuously over time resulting in a steadily increasing 
electrode potential and cell voltage, which eventually reaches extremely high 
values. This phenomenon was observed in preliminary experiments on the 
electrocoagulation pilot plant (Figure 4-7). 
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Figure 4-7: Development of cell voltage during 
pilot plant operation at Chellow Heights WTW, 
Bradford; j= 67 A m-2, flow rate: ca. 1 m3 h_', 
inter-electrode gap: ca. 4.5 mm. 
2.5 
Expected At concentration 
2 ------------------------------ I 
1.5 
Cu 
1 
0.5 1 
0 
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with 100% current efficiency. 
During five hours of galvanostatic operation, the cell voltage increased from an 
initial 100 V to 370 V. Only a small amount of dissolved aluminium was found in 
the outlet stream (Figure 4-8), so that most of the current must have been used 
for thickening the passive layer. Obviously, this electrode behaviour was 
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unacceptable for safe and efficient operation of the electrocoagulation process, 
so that measures had to be developed to diminish the impact of passivation. 
4.3.2 Experimental 
Experimental details have been summarised in chapter 3.3; this section is 
intended only as a reminder of the experimental procedure used. 
The experiments were intended to investigate the effects that certain material 
and surface characteristics, as well as the solution, had on the dissolution 
performance of an electrode material. On the basis of the results above, an 
electrode pre-treatment procedure was developed to overcome the difficulties 
previously observed during pilot plant operation. Three parameters were 
identified as being important factors in controlling passivation characteristics: 
- Surface roughness: The topography of the electrode surface can have an 
impact on the number of imperfections in the passive layer that may help 
diminish its effect on dissolution. 
- Surface history: The exposure to an aqueous solution prior to the 
application of a dissolution procedure may contribute to the total thickness 
of a passive layer. 
- Bulk material properties: Impurities and their grain boundaries in the 
aluminium electrode material may have an effect on the structure of a 
surface layer, potentially creating more imperfections on material with a 
higher content of impurities. 
Small plate electrodes shrouded in glass tubes and sealed with epoxy resin were 
used in a standard three-electrode cell for these experiments. Electrodes of two 
different purities (pure: 99.999% Al; technical: 99.5% Al) and with three 
roughness grades were prepared. Typical values for the roughness parameters 
Ra and rms, defined in chapter 3.6.7, are shown in Table 4-1 and Figure 4-9. 
roughness grade 1: rough 2: medium 3: smooth 
electrode type and 
number 
technl purel techn2 pure2 techn3 pure3 
Ra / pm 1.041 1.340 0.698 0.680 0.088 0.062 
rms / pm 1.389 1.820 0.911 0.956 0.124 0.085 
Table 4-1: Typical values for surface roughness parameters Ra and rms for the electrodes used in 
potentiostatic and galvanostatic characterisation. Measured with Zygo White Light Interferometer. 
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pure3 technl techn2 techn3 
Figure 4-9: Typical Ra-values for the electrodes used in potentiostatic and galvanostatic 
characterisation. 
These electrodes were characterised in two different solutions: 
- 0.5 mol m-3 Na2SO4 in high purity water 
- 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid in high 
purity water 
An electrode was immersed in the measurement solution, the lid of the 
electrochemical cell was closed and the solution was de-oxygenated by bubbling 
high purity nitrogen into the solution for at least 30 minutes. Then the N2 gas flow 
was directed to the gap between solution surface and lid, to prevent the ingress 
of atmospheric oxygen. Next, a characterisation procedure was carried out, that 
consisted of the following steps: 
1. Constant potential E= -0.55 V(SCE) for 30 minutes. 
2. Impedance spectroscopy at E= -0.55 V(SCE) in a frequency range of 
1 x104 to 5x10-2 Hz. 
3. Constant current I=1 x10-4 A, which corresponded to ca. 3A m-2 
dependent on the exact electrode size, for 10 minutes. 
4. Constant potential E= -0.55 V(SCE) for 30 minutes. 
5. Impedance spectroscopy at E= -0.55 V(SCE) in a frequency range of 
1x104 to 5x10-2 Hz. 
6. Constant current I=j X10-4 A for 10 minutes. 
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The procedure was carried out in two modes: 
- immediately after preparing a freshly polished electrode surface. 
- after the electrode had been in a solution of identical composition to the 
measurement solution for 72 hours. 
Additionally, immediately after preparing a freshly polished electrode surface a 
constant current was applied for 24 hours and the electrode potential recorded 
continuously. 
4.3.3 Variation in Electrochemical Behaviour of Aluminium Electrodes 
Depending on the preparation of the surface and its history, an aluminium 
electrode may exhibit disparate electrochemical behaviour. Figure 4-10 shows 
the potential-time graph of the smooth electrode techn3 in pure sodium sulphate 
solution, when a constant current of ca. 3A m-2 was applied. The measurement 
procedure was started immediately after the surface had been polished. 
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Figure 4-10: Electrode potential as function of time under galvanostatic control; electrode techn3, 
current density: ca. 3 Am 2,0.5 mol m-3 Na2SO4, experimental procedure step 3 
Due to the growth of the passive layer on the electrode surface, the electrode 
potential rose linearly until the operational limit of the potentiostat of 10 V was 
reached. This suggests a linear growth of the passive layer; the rate of potential 
increase is ca. 0.054 V s-1, as derived from the slope of the graph. Presumably, a 
similar phenomenon had caused the constant rise in cell voltage observed at 
the 
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pilot plant (Figure 4-7). 
However, when the same electrode material was prepared with a rough surface 
finish and immediately subjected to the same solution, a very different potential- 
time curve was measured, as shown in Figure 4-11. 
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Figure 4-11: Electrode potential as function of time under galvanostatic control; electrode techn1, 
current density: ca. 3 Am"2,0.5 mol m-3 Na2SO4, experimental procedure step 3 
An initial passivation stage with linear increase in potential was observed for the 
first 70 seconds, with a slightly smaller passivation rate than in the case of the 
smooth electrode (0.0165 V s-1). However, the rate of passivation decelerated 
with a maximum potential of ca. 1.3 V(SCE) being reached after ca. 75 s. This 
was followed by a dramatic potential drop, which stabilised at about 0.3 V(SCE) 
after 400 s. This was an entirely spontaneous process, caused only by the 
increased surface roughness of the electrode from the previous experiment 
(Figure 4-10). 
From the process engineering point of view, this spontaneous depassivation 
under galvanostatic control is essential for the development of an effective 
electrocoagulation process. In principle, it was reproducibly observed for a large 
number of electrode types in different solutions, but with differing passivation 
times, passivation slopes and steady state potentials. However, in contrast to the 
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steady state potentials after 500 s, passivation times and slopes did not show a 
pattern with regard to the electrode pre-treatment and history. 
However, if the same electrode that exhibited spontaneous depassivation 
previously, was subject to prolonged exposure to an aqueous solution, its surface 
may repassivate, so that spontaneous depassivation does not re-occur. 
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Figure 4-12: Electrode potential as function of time under galvanostatic control after storage in 
solution for 72 hours; electrode technl, current density: ca. 3 Am-2,0.5 mol m-3 Na2SO4, 
experimental procedure step 3 
Figure 4-12 shows the potential-time curve of the rough electrode technl during 
the application of a constant current, after it had been stored in a solution of 0.5 
mol m-3 Na2SO4 for 72 hours. Rather than spontaneous depassivation, 
passivation behaviour is evident, similar to that shown in Figure 4-10 for the 
fresh, smooth electrode. For the first 35 seconds, the electrode showed a 
passivation rate of ca. 0.04 V s-1, similar to that for the smooth electrode, then it 
decelerated to a rate of 0.004 V s-', the cause of which is currently unclear. 
Apparently, the long-term exposure to the solution resulted in the formation of 
such a thick passive layer, that spontaneous depassivation was completely 
inhibited. 
When the same electrode was exposed to a solution containing chloride ions, a 
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different behaviour was observed. As shown in Figure 4-13 spontaneous 
depassivation occurred after the electrode technl was stored in a solution of 0.5 
mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid for 72 hours. 
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Figure 4-13: Electrode potential as function of time under galvanostatic control after storage in 
solution for 72 hours; electrode technl, current density: ca. 3Am2,0.5 mol m-3 Na2SO4 + 0.15 
mol m-3 NaCl + log m-3 humic acid , experimental procedure step 3 
The depassivation profile was very similar to that exhibited by technl with a 
freshly prepared surface. During the initial 30 seconds, the passivation rate was 
ca. 0.04 V s-' and the electrode potential reached a peak of 1.8 V(SCE), after 
which it decreased to a steady value of about 0.25 V(SCE). 
Hence, even a relatively small concentration of chloride ions can trigger the start 
of the spontaneous depassivation process by promoting pitting corrosion. It is 
likely that they were incorporated into the passive film during electrode storage 
and thus were already present when the dissolution process started. 
107 
4. Electrochemical Characterisation of Aluminium 
2.5 
0.10 T. I 
2.0 
N 
E 
1.5 
.N 
aý 
c 1.0 
aý 
0.5 
o. o 
008 
006 
_o 004 
T 
U 
0 02 
final 60s: average steady state 
current density 
0.00 1--- --- 
0 300 600 900 1200 1500 1800 
time Is 
" techn1 - techn3 
0 300 600 900 1200 
time/s 
L* [techn1   techn3 
1500 1800 
Figure 4-14: Time dependence of current density under potentiostatic control for electrodes 
technl (rough) and techn3 (smooth); electrode potential: -0.55 V(SCE), 0.5 mol m-3 Na2SO4, 
experimental procedure step 1 
A typical current-time curve measured in step 1 of the experimental procedure is 
shown for the electrodes techn1 and techn2 in Figure 4-14. Due to passivation 
the initially high dissolution current density decreased rapidly to a very low steady 
state value. For better comparison, the inset of Figure 4-14 shows the data at a 
smaller current range. It is apparent, that the rougher electrode techn1 delivered 
a dissolution current, that was about one order of magnitude higher than that for 
the smooth electrode techn3. This implies that a rough electrode surface creates 
a larger number of imperfections in the passive layer structure increasing its the 
overall conductivity. Thus, a higher current density, based on the geometric 
surface area, can be passed than for a smooth surface at the same applied 
potential. However, the real surface area of a rough surface is larger than its 
geometric area, when taking into account the three-dimensional topography. 
Hence, the actual current density, allowing for the real surface area, may be 
smaller than reported above. All potentiostatic measurements carried out in this 
work resembled a similar pattern to that presented in Figure 4-14. 
In order to achieve an efficient electrocoagulation process, desirable dissolution 
characteristics would resemble a low electrode potential at galvanostatic 
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operation and a high current density at potentiostatic operation. The lower the 
electrode potential is at a constant current and the more current is generated at a 
constant potential, respectively, the less energy has to be spent on the 
dissolution process. In practice, the galvanostatic mode would be preferred, since 
it should provide a constant aluminium dosage and, more importantly, triggers 
the development of spontaneous depassivation, dependent on electrode pre- 
treatment and history as presented in the following chapter. 
Electrodes with varying grades of purity showed different characteristics 
regarding their dissolution behaviour. Figure 4-15 and Figure 4-16 shows images 
of the high purity electrode purel and the technical grade electrode technl after 
the characterisation procedure. 
Figure 4-15: Electrode purel after Figure 4-16: Electrode technl after 
characterisation procedure; 0.5 mol m3 Na2SO4 characterisation procedure; 0.5 mol m-3 
Na2SO4 
Sites of aluminium dissolution are marked by a dark grey colour, in contrast to 
the light grey of the uncorroded electrode surface. It is apparent that the pure 
electrode features a relatively high number of corrosion sites, whereas the 
technical electrode only has one visible site, that is however comparatively large. 
In general, it was observed that the dissolution site density is considerably higher 
for high purity electrodes. 
In order to present the large amount of data conveniently, the following sections 
display constant potential and current data as arithmetic mean values of the last 
60 seconds of both scans in procedure steps 1 and 3 for the constant potential 
and steps 3 and 6 for the constant current measurements; thus, they constitute 
average steady state values of current density and potential, respectively. An 
error margin is given for each column that indicates the highest and lowest value 
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measured in these two scans. The impedance data generated during the 
characterisation procedure in steps 2 and 5 will be presented and interpreted in a 
separate chapter 4.3.3. 
4.3.4 Average Steady State Potentials and Current Densities of Fresh 
Electrode Surfaces 
4.3.4.1 Behaviour in Sodium Sulphate Solution 
For electrodes of technical grade purity the average steady state potential shows 
a clear trend to higher values with decreasing surface roughness (Figure 4-17). 
The hatched column for electrode techn3 represents a runaway potential; the 
detailed graph is shown in Figure 4-10. Such a trend was not noticed for high 
purity material, which in general exhibited considerably more negative dissolution 
potentials than for the technical grade. 
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Figure 4-17: Average steady state potential at a current density of ca. 3 Am-2 for aluminium 
electrodes in 0.5 mol m3 Na2SO4; the hatched column represents a runaway potential due to 
passivation 
The average steady state current density at a potential of -0.55 V(SCE) 
presented in Figure 4-18 shows a clear trend of technical grade electrodes to 
lower values with decreasing roughness; the smooth electrode techn3 did not 
show any detectable dissolution current at this potential. Again, such a trend 
could not be assigned to high purity electrodes. In fact, the high fluctuation in 
these experiments caused by unavoidable impact of electrical noise due to the 
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very small absolute currents of 10-8 A prevents a detailed interpretation of this 
data. However, generally the dissolution currents at constant potential were 
higher for high purity than technical grade electrodes. 
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Figure 4-18: Average steady state current density at a potential of -0.55 V(SCE) for aluminium 
electrodes in 0.5 mol m3 Na2SO4 
In sodium sulphate solution, high purity electrodes showed the more favourable 
dissolution characteristics, exhibiting lower dissolution potentials with an applied 
current density of 1 x10-4 (ca. 3A m-2). They also exhibited higher current 
densities at constant potentials, though with an equally small order of magnitude 
of ca. 10-2 A M-2. In contrast to technical grade electrodes, their behaviour did not 
show a clear dependence on surface roughness. 
This behaviour is somewhat surprising, since the technical grade electrodes have 
some amount of copper in their structure, a compound known to be a corrosion 
promoter (table 3.1, chapter 3.3; (Vukmirovic, M. et al. 2002)). Also, it might be 
expected that a technical surface with grain boundaries from impurity inclusions 
should have a more imperfect and thus porous passive layer structure and 
therefore better dissolution characteristics than high purity material. 
4.3.4.2 Behaviour in a Solution Containing Sodium Sulphate, Chloride and 
Humic Acid 
Due to the presence of chloride, a known pitting promoter (Figure 4-5), the 
steady state potentials in a solution containing sodium sulphate, sodium chloride 
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and humic acid were much lower than in pure sulphate solution (Figure 4-19). 
The potential became more positive with decreasing surface roughness for both 
technical and high purity electrodes, due to the more perfect passive layer 
structure and thus greater resistance to current flow through it. In addition, 
technical grade electrodes showed lower potentials at all roughness grades, a 
behaviour which cannot be explained satisfactorily at present. 
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Figure 4-19: Average steady state potential at a current density of ca. 3 Am-2 for aluminium 
electrodes in 0.5 mol m3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid 
The electrode behaviour exhibited at constant potentials in principle confirms the 
observations made above. As can be seen in Figure 4-20, technical grade 
electrodes produced higher dissolution current densities in chloride containing 
solution than in pure sulphate solution (Figure 4-18), which may be due to 
chloride acting as pitting promoter. Although the applied potential is just below 
the pitting potential, the presence of chloride could be responsible for an 
increased number of metastable pits. 
The current decreased for smoother electrode surfaces, which is the result of a 
more perfect passive layer structure. High purity electrodes generally produced 
lower current densities. Current densities and surface roughness did not appear 
to be correlated, though high experimental current `noise' may have precluded 
this. 
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Figure 4-20: Average steady state current density at a potential of -0.55 V(SCE) for aluminium 
electrodes in 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + log m-3 humic acid 
It can be concluded that the addition of chloride ions, even at the low 
concentrations of 0.15 mol m-3 used, enhanced the dissolution behaviour of 
aluminium electrodes significantly, even in the presence of humic acid. In 
contrast to the electrode behaviour in pure sulphate solutions, technical grade 
electrodes in chloride-containing solutions produced higher dissolution current 
densities than the high purity electrodes. Thus, the impact of chloride ions 
inducing pitting corrosion was greater for technical grade electrodes. 
4.3.5 Average Steady State Potentials after Long-Term Constant Current 
In the previous two chapters, the steady state current densities after 9 to 10 
minutes of operation were presented, but as electrocoagulation was intended to 
be a continuous process, it was also necessary to see, whether the 
spontaneously depassivated surface would maintain this state for long times. 
Thus, a constant current was applied for 24 hours and the electrode potential 
monitored. All measurements showed a constant low electrode potential over the 
entire period (see appendix B). Figure 4-21 shows the average electrode 
potential over the last 20 minutes of the experiment in a) pure sodium sulphate 
solution and b) solution containing sodium sulphate, sodium chloride and humic 
acid. In both types of solution low electrode potentials of -0.5 to ca. -0.4 V(SCE) 
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were measured. Overall, little difference was noticed in the electrode behaviour 
between the two degrees of roughness. However, a measurement of the smooth 
electrode techn3 was omitted, since a runaway potential had been produced 
earlier in the same conditions (Figure 4-10). In most cases there was also little 
difference in the behaviour between the purity grades, except for electrode 
technl in pure sulphate solution slightly underperforming with a potential of ca. - 
0.35 V(SCE). 
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Figure 4-21: Average steady state potential at j= ca. 3A m-2 for aluminium electrodes after 24 
hours, in a) 0.5 mol m3 Na2SO4, b) 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic 
acid 
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4.3.6 Average Steady State Potentials and Current Densities after Long- 
Term Storage 
Figure 4-22 shows the average steady state potential at a current of 1 x10-4 A (ca. 
3A m-2) after it had been stored for 72 hours in two different solutions, pure 
sulphate solution in a) and solution also containing sodium chloride and humic 
acid in b). The long-term exposure to the aqueous environment led to a dramatic 
increase in dissolution potential, at least for the pure sulphate solution. Here, the 
rough electrode technl did not exhibit spontaneous depassivation, indicated in 
Figure 4-22 by a hatched column. A measurement of its smooth counterpart 
techn3 was omitted, since the potentiostat was not able to apply the require 
current due to the large potential drop of the already heavily passivated electrode 
surface. The pure electrode showed more favourable dissolution characteristics 
with a rather low potential of ca. 0.1 V(SCE) for a rough surface (purel). The 
smooth version pure3 showed, after the initial passivation led to an increase of 
potential, a levelling out at about 3 V(SCE). 
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Figure 4-22: Average steady state potential at j= ca. 3 Am-2 for aluminium electrodes after 72 
hours in solution: a) 0.5 mol m3 Na2SO4, b) 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 
humic acid; the hatched column represents a runaway potential due to passivation 
The addition of chloride to the solution greatly improved the dissolution 
characteristics (Figure 4-22 b)) with the potential reaching values between -0.3 
and +0.3 V(SCE), which is at a slightly higher level than measured for fresh 
surfaces (Figure 4-19). No clear pattern regarding the impact of roughness was 
exhibited. 
Figure 4-23 shows the correspondent data for the steady state current density. 
The currents exhibited were very low, so that fluctuation due to electrical noise 
was very high, as can be seen from the large error margins. This prevents a 
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detailed discussion of the data. 
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Figure 4-23: Average steady state current density at a potential of -0.55 V(SCE) for aluminium 
electrodes after 72 hours in solution: a) 0.5 mol m3 Na2SO4, b) 0.5 mol m-3 Na2SO4 + 0.15 moI m- 
3 NaCl + 10 g m-3 humic acid 
Apparently, the exposure to an aqueous environment without the presence of 
chloride ions leads to the formation of a thick and dense passive layer, which 
hardly depassivates spontaneously; it has a greater effect on technical grade 
than high purity electrodes. 
Hence, the long-time storage of electrodes in aqueous conditions is detrimental 
to a successful dissolution, especially when they are subjected to solutions not 
containing chloride ions. In the case of the rough electrode technl in pure 
sulphate solution, it prevented the occurrence of spontaneous depassivation, that 
had been observed for a fresh electrode surface. 
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4.4. Electrochemical Impedance Spectroscopy 
4.4.1 Introduction 
From electrochemical impedance spectra, information can be derived about the 
(steady state) capacitance and, if a permittivity is known, thickness of a layer on 
the surface of an electrode, as shown in chapter 2.3. The motivation for the use 
of impedance spectroscopy in this work was two-fold: 
- To investigate the effect solution components, such as sodium chloride 
and humic acid, have on the electrochemical properties of the surface. 
- To monitor the change in the capacitance/thickness of the passive 
aluminium oxide/hydroxide layer on the electrode surface by galvanostatic 
dissolution. 
Impedance spectra are presented below in the form of Nyquist plots, in which the 
real component Z' of the overall impedance is plotted on the x-axis and the 
negative imaginary component -Z" on the y-axis. Other plots, such as Bode plots 
and plots showing IogJZ"I vs. log f, are not presented, since the objectives of 
these investigations can be achieved without this additional analysis 
4.4.2 Effect of Humic Acid and Chloride on Electrochemical Impedance 
4.4.2.1 Experimental 
An Aluminium plate electrode of mirror finish was investigated by impedance 
spectroscopy at three different electrode potentials and in three different types of 
aqueous solution. The objective was to obtain estimates of the passive layer 
thickness on the electrode under various solution conditions and hence elucidate 
the effects of humic acid and chloride ions on the electrode behaviour. 
Impedance measurements were made with technical grade aluminium plate 
electrodes, of active area 3.5x10-5 m2, in a three electrode cell, as described in 
chapter 3.3.1. 
Three measurement potentials were applied covering the range of potentials 
likely to be applied to the aluminium electrode during dissolution: -1.0, -0.6 and - 
0.2 V(SCE). The results of measurements in three different solutions are 
presented: 
- 0.5 mol m-3 Na2SO4 (conductivity: ca. 0.014 S m-1) 
- 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid (conductivity: ca. 0.014 S m-) 
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- 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 mol m-3 NaCl (conductivity: 
ca. 0.016 S m-) 
The solution pH was not adjusted and thus remained at about 7. 
4.4.2.2 Impedance Spectra in Sodium Sulphate Solutions 
In principle, all spectra presented in this section consisted of three depressed 
overlapping semicircles, as shown in Figure 4-24, which contains impedance 
spectra measured at -1.0, -0.6, and -0.2 V(SCE) in 0.5 mol m-3 Na2SO4. 
However, the first semicircle is too small to be seen; hence, Figure 4-25 displays 
an expanded view of the impedance spectra for frequencies of ca. 5x10' - 104 
Hz. 
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Figure 4-24: Impedance spectra of Al in 0.5 mol m-3 Na2SO4 at -1.0, -0.6 and -0.2 V(SCE); f= 10-3 
- 104 Hz. 
At these high frequencies a similar behaviour was observed for all three 
potentials, exhibiting a depressed semicircle that did not start at the origin and 
overlapped with the following semicircle formed at lower frequencies. The 
projected intercepts of the circle with the x-axis shifted to higher values at higher 
potentials, implying that the resistance of the measurement system increased 
with increasing potential. Since the same measurement system was used for all 
experiments, this might be attributed to a thicker passive layer for more positive 
potentials leading to a higher electrode / electrolyte resistance. However, it would 
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also be possible, that a slightly larger distance between Luggin-probe tip and 
working electrode led to an increased IR drop and thus shift of the semicircle 
intercept. Calculations taking the average steady state current measured during 
the experiment, the solution conductivity as 0.014 S m-1 and altering the inter- 
electrode gap between 1 and 2 mm show a variation of ca. 0.06 1) m2. This is 
within the range of projected x-axis intercepts in Figure 4-25. 
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Figure 4-25: Impedance spectra of Al in 0.5 mol m-3 Na2SO4 at -1.0, -0.6 and -0.2 V (SCE); f= ca. 
5x10' - 104 Hz. 
Figure 4-26 shows impedance data at frequencies of ca. 10-2 - 104 Hz displaying 
the second semicircle, which showed only little depression, for all three electrode 
potentials. The radius of these semicircles and hence the maximum imaginary 
impedance -Z"max, appearing at frequencies of ca. 1 Hz, clearly increased with 
more positive electrode potentials, reaching values in the range of ca. 0.3 to 1.5 
0m2. 
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Figure 4-26: Impedance spectra of Al in 0.5 mol ml-3 Na2SO4 at -1.0, -0.6 and -0.2 V(SCE); f= ca. 
10-2 - 104 Hz. 
In principle, this behaviour resembles that reported previously (Martin, F. J. et al. 
2005) for aluminium in 10 mol m-3 NaCl solution, for which a slightly depressed 
semicircle grew in diameter with increasing applied potential. The authors also 
derived a growing passive layer thickness with increasing potential from their 
data. 
4.4.2.3 Impedance spectra in sodium sulphate and humic acid 
Figure 4-27 shows the impedance spectra for aluminium in a solution of 0.5 mol 
m-3 Na2SO4 and 10 g m-3 humic acid. The shape of the spectra was very similar 
to those in pure sodium sulphate solution. Again, enlargement of the regions of 
high and medium frequencies revealed further details, as shown in Figure 4-28 
and Figure 4-29. 
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Figure 4-27: Impedance spectra of Al in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid at -1.0, -0.6 
and -0.2 V(SCE); f= 10-3 - 104 Hz. 
As for the behaviour in pure sulphate solution, a depressed semicircle was 
evident at high frequencies of ca. 5x101 - 104 Hz for electrode potentials at -0.6 
and -0.2 V(SCE) (Figure 4-28). However, the spectrum for a potential of -1.0 
V(SCE) showed an inductive loop at these frequencies. Since this was only the 
case for this specific measurement, it is probable that it comprises an 
experimental artefact originating in the measurement system, a common 
experimental problem according to Barsoukov (Barsoukov, E. et al. 2005). 
For increasing potentials, a shift towards lower resistances was observed, which 
can probably be attributed to variations in the distance between Luggin-probe 
and working electrode, as already described above (section 4.4.2.2). 
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Figure 4-28: Impedance spectra of Al in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid at -1.0, -0.6 
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Figure 4-29: Impedance spectra of Al in 0.5 mol ml-3 Na2SO4 + 10 g m-3 humic acid at -1.0, -0.6 
and -0.2 V(SCE); f= ca. 10-2 - 104 Hz. 
Figure 4-29 shows the impedance spectra for frequencies of ca. 10-2 - 104 Hz, 
for which the same behaviour was observed as in Figure 4-26; however, -Z"max - 
values of these semicircles were slightly smaller, ranging between ca. 0.35 0 m2 
for -1.0 V(SCE) and 1.2 C) m2 for -0.2 V(SCE), suggesting a lower capacitance of 
the surface at more positive potentials. As observed for pure aqueous sulphate 
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solutions, the maximum -Z"-values of the semicircles increased with more 
positive potentials and appeared at a frequency of ca. 1 Hz. 
4.4.2.4 Impedance Spectra in Sodium Sulphate, Chloride and Humic Acid 
The addition of sodium chloride at a concentration of 0.15 mol m-3 (8.8 g m-3) did 
not result in a noticeable change to the impedance spectra, as shown in Figure 
4-30. At potentials significantly more positive than Ep; t = -0.52 V(SCE), pitting 
induced by chloride ions caused the current response to be irreproducible. As 
this precluded acquisition of reliable data at potentials more positive than - 
0.4 V (SCE), measurements were made at potentials of -1.0, -0.6 and -0.4 
V(SCE). 
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Figure 4-30: Impedance spectrum of Al in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 mol 
m NaCl at -1.0, -0.6 and -0.4 V(SCE); f= 10-3 - 104 Hz. 
Figure 4-30 and Figure 4-31 show enlargements of the spectra at high and 
medium frequencies, respectively. At high frequencies of ca. 5x101 - 104 Hz, the 
small first semicircle appeared largely distorted for all applied potentials. At 
medium frequencies of ca. 10-2 - 104 Hz, the second semicircles were still evident 
with increasing -Z",, ax -values for more positive electrode potentials. Their values 
were further decreased compared to the previous measurements in different 
solution compositions with a specific impedance of ca. 0.7 0 m-2 at -0.4 V(SCE). 
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4.4.2.5 Effect of Sodium Sulphate Concentration 
In all data presented above a shift for the spectra did not exhibit an impedance 
near zero for the highest frequencies; the projected intercepts of the first 
semicircle with the x-axis were placed at about Z' = 0.06 to 0.012 0 m-2. In order 
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to investigate the nature of this shift, additional spectra in a smaller frequency 
range were measured in solutions with increasing sodium sulphate concentration 
and thus higher conductivity. If the shift was due solely to the IR potential drop 
between working electrode and Luggin probe as stated above, the spectrum 
should start at lower Z'-values and tend to zero at high sulphate concentrations. 
Since impedance values measured for frequencies smaller than ca. 0.5 Hz did 
not prove useful for quantitative analysis (see section 4.4) and the behaviour at 
frequencies higher than 1x104 Hz needed to be investigated to determine 
whether the intercept correlated with uncompensated ohmic resistance of the 
electrolyte solution, the frequency range for this set of experiments was chosen 
as 0.5 to 6.5x104 Hz. A full spectrum of four different sulphate concentrations 
from 0.5 to 100 mol m-3 at an electrode potential of -0.6 V(SCE) is shown in 
Figure 4-33, which also includes data of a previous measurement in 0.5 mol m-3 
for comparison ("0.5 mol m-3 scan 1 "). 
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Figure 4-33: Impedance spectra of Al in 0.5,1,10 and 100 mol m-3 Na2SO4 at -0.6 V (SCE); f= 
0.5 Hz - 6.5x104 Hz. 
The spectrum at the lowest sulphate concentration was reproduced with high 
accuracy. An increase in concentration led to a noticeable decrease in the size of 
the second semicircle. Figure 4-34 shows the spectrum at high frequencies. 
. 
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Figure 4-34: Impedance spectra of Al in 0.5,1 and 10 mol m-3 Na2SO4 (aq) and -0.6V (SCE); f= 
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An increasing electrolyte concentration resulted in the spectra shifting towards 
the origin. Therefore, the projected intercepts shifted along the x-axis observed 
previously were due to the IR potential drop in solution. It is also apparent, that 
the first semicircle vanished with increasing concentration and the second 
semicircle decreased its size significantly. 
From these data the uncompensated IR drop can be estimated as being ca. 
0.07 0 m2 for a solution of 0.5 mol m-3 Na2SO4, which corresponds to a gap of 
ca. 1 mm between Luggin-probe and working electrode, assuming a bulk solution 
conductivity of 0.014 S m-1. Since the impedance approached zero at high 
electrolyte solution conductivities, the ohmic loss originating in the resistance of 
the working electrode material including the passive layer, can be assumed to be 
small. 
4.4.2.6 Experimental Error 
Experimental error is likely to arise from: 
- inhomogeneities in the aluminium electrode surface. 
- changes in electrolyte solution composition near the electrode 
due to the 
long duration of a measurement (ca. 9 to 27 hours). 
- electrical noise, that was not shielded by the faradaic cage, e. g. arising 
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from leads and connectors used. 
- local failure of the acrylic lacquer masking parts of the electrode 
arrangement. 
The effects of surface inhomogeneities were diminished mainly by the pre- 
treatment procedure subjected to the electrode before each measurement. 
Changes in solution compositions would have developed close to the electrode 
surface with a potentially high concentration of dissolved aluminium that depletes 
with increasing distance due to diffusion into the bulk solution; however, at pH 7, 
the majority of the dissolved aluminium would have been precipitated rapidly as 
AI(OH)3, so that it can be expected that there was a high concentration of 
AI(OH)3 close to the electrode surface. This would have inhibited the rate of 
diffusion away from the surface due to a small concentration gradient, the driving 
force for diffusion. However, as a constant potential was applied to the system for 
30 minutes prior to a measurement, it can be assumed that a steady state had 
been reached when the impedance measurement was started, so that the effect 
of solution composition changes should be negligible. 
Therefore, electrical noise may be considered the main source of error in all 
impedance measurements. Despite being shielded by a faradaic cage, the 
measurement system was prone to being affected by even weak disturbances 
due to the very low current signal (10-8 A) produced by the electrode during 
measurements. 
Kramers-Kronig tests provided by the Autolab software showed significant 
residual errors for impedances measured at frequencies lower than ca. 0.3 Hz, 
so that those data were excluded from quantitative analysis. Test results in the 
form of residual error plots can be found in appendix C. 
Due to the very long duration of an experiment (up to 27 hours) the reproducibility 
of the data presented above was usually not tested. However, the measurement 
in pure sodium sulphate solution at a potential of -1.0 V(SCE) was reproduced 
with high precision (Figure 4-33). 
4.4.2.7 Derivation of Capacitance and Passive Layer Thickness 
The magnitude of the maximum imaginary impedance -Z"max, associated with 
the second semicircle and located at frequencies of about 1 Hz, was clearly 
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dependent on the potential applied to the aluminium working electrode, showing 
an increase in semicircle radius with more positive potential. The addition of 
humic acid and sodium chloride caused a decrease in the magnitude of -Z"max 
for potentials more positive than -1 .0 V(SCE). As shown in Figure 4-35, values of 
-Z"max of the second semicircle clearly exhibited a linear dependence on 
potential for all three solution types. 
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Figure 4-35: -Z"max as function of applied potential for three types of measurement solution; 
blue rhombus: 0.5 mol m-3 Na2SO4; pink square: 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid; red 
triangle: 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 mol m-3 NaCl; frequency: ca. 1 Hz 
At a potential of -1 .0V, the -Z"max values were similar 
in all solutions; however, 
when humic acid and sodium chloride were added, the gradient of the straight 
line decreased considerably, with the chloride containing solution leading to the 
lowest values. Therefore, the electrical properties of the passive layer changed, 
giving rise to the conclusion that both humic acid and chloride ions adsorb on the 
electrode surface and change its electrical surface properties if not its phase. 
It was difficult to make a reliable connection between the data measured, a 
physico-chemical model explaining the observations made and an equivalent 
electrical circuit, that can serve as model for the quantitative analysis of results. 
In principle, an infinite number of equivalent circuits can be fitted to existing data; 
usually one attempts to use a circuit that is as simple as possible (see also 
chapter 2.3.2). 
R2 = 0.994 
sodium sulphate 0 
R2 = 0.9559 
sodium sulphate 
+ humic acid 
m 
m 
A 
R2 = 0.9593 
sodium sulphate + humic 
acid + sodium chloride 
-1.2 -1 -0.8 -0.6 -0.4 -0.2 0 
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In this work, the data fitting was done with a 'complex nonlinear least squares' 
(CNLS) procedure using a programme provided in the Autolab software, that is 
based on Boukamp's method (Boukamp, B. A. 2004). Having tried several 
possible equivalent circuits, e. g. proposed by Jüttner (Juttner, K. et al. 1989), the 
circuit suggested by Martin et al. (Martin, F. J. et al. 2005) proved most useful 
(Figure 4-36), though a physical model cannot be assigned easily to each 
element of this circuit. 
Re R1 R2 
CPE2 
CPE1 
Figure 4-36: Equivalent electrical circuit for data modelling based on the work published by Martin 
et al. (Martin, F. J. et al. 2005) 
In a conference paper presented at a meeting of the Electrochemical Society 
(Pebere, N. et al. 2008) the authors suggested an identical circuit to model a 
duplex layer of aluminium oxide / hydroxide on aluminium AA2024, that 
developed during an anodisation process in acidic solutions. Diggle (Diggle, J. W. 
et al. 1976) suggested the formation of a similar structure for conditions similar to 
those used in the experiments, for which results are presented here. However, 
Hitzig et al. used a slightly different circuit for a porous aluminium oxide layer, 
with the R2-CPE2 elements removed from the model above and Re replaced with 
a capacitor (Hitzig, J. et al. 1984). 
It can be assumed that the passive layer has both resistive and capacitive 
properties with charge being stored at its interfaces, across which potential 
differences cause the leakage of this charge through imperfections and pores in 
its structure. As two semicircles at high and medium frequencies were evident in 
impedance spectra, it is probable that they arise from two RC networks 
corresponding to the layer structure consisting of two sub-layers. The third 
semicircle may be assigned to be formed by the electrical double layer 
developing in vicinity to the charged surface in electrolyte solution. 
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The uncompensated ohmic potential drop in solution is represented by the ohmic 
resistor Re, whereas the Rj-CPE, element corresponds to the second semicircle 
and the R2-CPE2 element to the first semicircle. An example of the result of fitting 
the equivalent analogue circuit is shown in Figure 4-37 and Figure 4-38. As 
described above, data obtained for frequencies below 0.3 Hz did not prove 
suitable for quantitative analysis. Thus, they were discarded and only data for 
frequencies of 0.3 Hz and above was used for the fitting procedure. 
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Figure 4-37: Impedance spectrum fitted by the complex non-linear least squares (CNLS) method 
for frequencies from 1 x10 Hz to 0.3 Hz; 0.5 mol m3 Na2SO4, E= -1.0, -0.6, -0.2 V(SCE) 
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Figure 4-38: Impedance spectrum fitted with CNLS for frequencies from 1 x104 Hz to 27 Hz; 0.5 
mol m-3 Na2SO4, E= -1.0, -0.6, -0.2 V(SCE). 
The data was fitted well, especially for frequencies below 20 Hz, which is the 
frequency range important for quantitative analysis of the passive layer thickness. 
The corresponding values calculated for the elements R and CPE of the 
equivalent circuit are presented in Table 4-2 for measurements in the pure 
sulphate solution. Fitted parameter values for measurements in the other 
solutions are reported in appendix D including values of the fitting error. 
solution 0.5 mol m3 sulphate 
electrode potential / V(SCE) -1.0 -0.6 -0.2 
Re /ohm 1.17E+03 1.75E+03 2.78E+03 
R2 /ohm 2.34E+03 2.62E+03 2.30E+03 
R3 /ohm 3.25E+04 7.49E+04 1.16E+05 
CPE 
YO /ohms" 3.31 E-06 1.53E-06 1.02E-06 
n 0.956 0.966 0.970 
CPE 
Yo /ohms" 1.10E-05 2.39E-06 2.17E-06 
2 
n 0.428 0.571 0.662 
Wmax for CPE, /Hz 1.39 1.00 0.52 
Table 4-2: Summary of parameter values fitted by the complex non-linear least squares (CNLS) 
method based on the equivalent circuit in Figure 4-36. 
Based on these results, the thickness of the passive layer can be calculated. The 
capacitance of a CPE in a parallel R-C circuit is given by (Hsu, C. H. et al. 2001): 
It-1 
C=Yo (U) ) [4.5] 
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As stated by Frers (Frers, S. E. 1990) and Martin (Martin, F. J. et al. 2005), the 
overall capacitance C comprises the partial capacitances of the passive layer Cox 
and the Helmholtz double layer CH. Assuming a Helmholtz capacitance of 5x10-9 
F M-2 (Frers, S. E. 1990) and given the electrode area of 3.53x10-5 m2, the 
passive layer capacitance Cox can be calculated: 
I- 1_ 1 1_ 1 
[4.6] 
Cox C CH C 1.765.10-'F 
This facilitates the determination of the layer thickness d: 
Cox=ed°. AE [4.7] 
d= c£° " Ae [4.8] 
nz 
where F-o denotes the vacuum permittivity (Eo = 8.854x10-12 F m-1), E the 
permittivity of aluminium oxide and Ae the electrode area. The parameter F -was 
chosen as 10, based on values given by Wolborski (Wolborski, M. 2005) and 
Diggle (Diggle, J. W. et al. 1976). As Diggle points out, the permittivity of alumina 
(A1203) is extremely sensitive to its water content. A value of 4 is suggested for 
very dry powder of y-alumina but increases with a rising level of hydration; Martin 
et al. used a value of 40 as permittivity of a partially hydrated passive layer as 
upper bound for their calculations (Martin, F. J. et al. 2005). Furthermore, the 
permittivity also depends on the crystal structure with a value for bayerite stated 
as 9.4, whereas boehmite was derived as 20.5 (Diggle, J. W. et al. 1976). 
However, Bessone et al. used a permittivity of 9 in their work (Bessone, J. et al. 
1983), whereas Hitzig and Jüttner chose a value of 10 (Hitzig, J. et al. 1984). 
Thus, a permittivity of 10 is a reasonable estimate for a slightly hydrated oxide 
layer in sodium sulphate solutions. 
The layer thicknesses calculated for the aluminium electrode in sodium sulphate 
solution for various potentials are presented in Figure 4-39. There is a clear linear 
relationship of layer thickness to applied potential, as was already evident from 
the -Z"max-values above (Figure 4-35). A linear regression of the graph gives the 
following function: 
d=1.9nmV-' - 77 [4.9] 
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Therefore, the estimated oxide layer growth coefficient is 1.9 nm V-1. The actual 
layer thickness increased from about 0.8 nm at -1. OV(SCE) to ca. 2.7 nm at - 
0.2V(SCE). 
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Figure 4-39: Estimated passive layer thickness for electrode potentials between -1.0 and -0.2 
V(SCE) in 0.5 mol m-3 Na2SO4 
This result is in accordance with values reported by Frers, who estimated a layer 
thickness of 0.82 nm at -1.0 V(SCE) in 500 mol m-3 NaCl (Frers, S. E. 1990), and 
Martin et al., who stated a thickness of 1 nm at -1.0 V(SCE) in 100 mol m-3 NaCl 
(Martin, F. J. et al. 2005), though using the oxide permittivity as 40. For a solution 
of 160 mol m-3 NH4-tartrate, a growth coefficient of 0.75 nm V-1 has been 
reported (Bessone, J. et al. 1983), with derived thicknesses ranging from 0.6 nm 
at -1.0 V(SCE) to 1.4 nm at -0.2 V(SCE), using an oxide permittivity of 10. 
Results of in-situ measurements of the oxide layer thickness by ellipsometry 
during the anodisation of aluminium plates have been reported in a PhD thesis 
(Norman, C. F. 1986). Thicknesses were reported for cell voltages only between 
15 and 100 V, with a linear dependence of layer thickness and applied voltage. 
Extrapolation of the line towards a cell voltage of 0V would give a thickness of 
5.7 nm. Although the accuracy of this figure is limited, it can be viewed as a 
confirmation of the results above, since it is in the same order of magnitude. 
The accuracy of the film thickness calculations is very dependent on the estimate 
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of the permittivity for the passive layer. Hence, the layer thicknesses were not 
calculated for humic acid and chloride containing solutions, since it is likely that 
the electrical properties of the passive layer, and thus its permittivity, would have 
changed substantially due to adsorption and possibly to phases other than pure 
(hydrous) oxide being formed. The already large range of permittivity values 
reported in the literature for pure alumina indicates the difficulty of assigning a 
reasonable estimate. 
4.4.3 Effect of Dissolution Process on Passive Layer Thickness 
4.4.3.1 Introduction 
As part of the electrode characterisation procedure presented in chapter 3.3 
electrochemical impedance spectra were measured before and after the 
dissolution process, during which a constant current was applied. The aim was to 
investigate a possible change in passive layer thickness caused by this process. 
In the case of spontaneous depassivation of an electrode, the overall layer 
capacitance should decrease, whereas a passivated surface layer should show 
an increase in capacitance. According to the impedance behaviour discussed 
above, this would result in the Nyquist-plot showing a smaller second semicircle 
for a depassivated surface and the enlargement of the semicircle for an electrode 
exhibiting enhanced passivation. For the work presented in this section, 
measurements were carried out only in the frequency range 1 x10-4 - 5x10-2 Hz, 
at which this semicircle appeared. 
In order to provide a more realistic surface state, the pre-treatment procedure of 
the electrodes was simplified compared to that described in section 4.4.2 and is 
described in detail in chapter 3.3. As a result the impedance spectra appear to be 
slightly altered, with -Z"max of the second semicircle now being at much lower 
frequencies of the order of 10-3 Hz rather than 1 Hz for a spectrum measured 
before the dissolution process. 
The impedance measurements were preceded by the application of a constant 
potential of -0.55 V(SCE) for 30 minutes, which resulted in a time-independent 
current signal. . Impedance spectra 
for electrodes of all three roughness grades 
were measured; however, only smooth electrodes (techn3 and pure3) provided 
reliable spectra, while rougher surfaces exhibited rather erratic, inconsistent 
behaviour. Thus, results only for smooth electrodes are presented in this work. 
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More detailed information on impedance spectroscopy on rough surfaces can be 
found in chapter 2.3.2.2. 
The results will be presented as Nyquist plots over the whole frequency range. At 
high frequencies of ca. 104 - 102 Hz the behaviour of the electrodes was not 
consistent, exhibiting either a first semicircle or an inductive loop. Since these 
frequencies are of minor importance to the estimation of the passive layer 
thickness, they are neglected in this discussion. Nyquist-plots in that frequency 
range can be found in appendix E. 
The plots were fitted with the same equivalent circuit used above (Figure 4-36). 
However, the quality of the fit proved rather mediocre, which can be mainly 
attributed to two causes. Firstly, the impedance behaviour appeared slightly 
altered due to a simpler pre-treatment procedure, so that the circuit might not be 
entirely applicable. Secondly, the dissolution process led to an overall increased 
surface roughness and the formation of corrosion pits. Relatively rough surfaces 
are likely to exhibit inconsistent impedance behaviour, as was observed in this 
project for the electrode types pure/techn 1 and 2. Therefore, the fitting results 
are not discussed in this chapter, but can be found in appendix D. A more 
qualitative analysis of the impedance spectra already provides sufficient insight 
into the effects of the dissolution process on the electrode surface, as will be 
shown in the following section. 
4.4.3.2 Electrochemical Impedance Before and After Dissolution Process 
A plot of the impedance spectra of the electrode pure3 in sodium sulphate 
solution is presented in Figure 4-40. The overall impedance before the 
dissolution process is comparatively large showing a significantly enlarged 
semicircle with a -Z"max - value at much lower frequencies of approximately 10-3 
Hz compared to the data presented in Figure 4-26. This is due to a different pre- 
treatment procedure, in which a mild surface etching in 0.01 M NaOH solution 
was omitted, which led to a thicker passive layer at the start of the experiment, 
increasing the semicircle diameter. 
The subsequent application of a constant current resulted in spontaneous 
depassivation, as shown in Figure 4-11. The impedance spectrum reflects the 
depassivation of the surface. The radius of the semicircle was reduced 
dramatically, with -Z"max now being at ca. 7.5 0 m2 and f= ca. 0.3 Hz compared 
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to extrapolated values of ca. 35 0 m2 at f= ca. 10-3 Hz before. It also shows 
significant depression, which is a sign of a rougher surface with increased area 
(Barsoukov, E. et al. 2005) due to pitting corrosion during the dissolution process. 
The decreased diameter of the semicircle is a strong indicator for the overall 
macroscopic thinning of the passive layer. 
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Figure 4-40: Impedance spectra of electrode pure3 in 0.5 mol m-3 Na2SO4 before and after the 
dissolution process; electrode potential: -0.55 V(SCE) 
This electrode showed a similar behaviour in a solution containing sodium 
sulphate, humic acid and chloride ions. The impedance values before the 
dissolution process were lower compared to those in pure sulphate solution, due 
to the adsorption of humic acid and chloride, as it was shown above in section 
4.4.2.4. Again, the subsequent application of a constant current, leading to 
spontaneous depassivation, resulted in a dramatically decreased semicircle 
radius. The semicircle after the dissolution process was almost identical to that in 
pure aqueous sodium sulphate. 
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Figure 4-41: Impedance spectra of electrode pure3 in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 
0.15 mol m-3 NaCl before and after the dissolution process; electrode potential: -0.55 V(SCE). 
The corresponding impedance spectra for a technical grade electrode (techn3) 
are shown in Figure 4-42 and Figure 4-43. In the case of techn3 in pure sulphate 
solution, the electrode showed no spontaneous depassivation, instead exhibiting 
a linear increase of electrode potential on application of a constant current 
density (Figure 4-10). It was presumed that this increase was the result of a 
constantly growing passive layer, which was confirmed by the impedance spectra 
measured during this experiment. 
As can be seen below, the spectrum before the dissolution process was 
comparable to that measured for the electrode pure3. However, as a result of the 
dissolution process the impedance rose dramatically from Z' = 13 and -Z" = 27 02 
m2 at 5x10-2 Hz before the dissolution process to Z' = 160 and -Z" = 390 C2 m2 
afterwards at the same frequency. This is a strong indicator for an extremely 
thickened passive layer. 
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Figure 4-42: Impedance spectra of electrode techn3 in 0.5 mol m-3 Na2SO4 before and after the 
dissolution process; electrode potential: -0.55 V(SCE); the inset shows spectra at frequencies 
around 0.1 -1 Hz for comparison. 
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Figure 4-43: Impedance spectra of electrode techn3 in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid 
+ 0.15 mol m-3 NaCl before and after the dissolution process; electrode potential: -0.55 V(SCE); 
the inset shows spectra at frequencies around 0.1 Hz for comparison. 
The addition of humic acid and chloride ions to the measurement solution 
induced spontaneous depassivation of this electrode. However, this is not entirely 
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reflected in the impedance spectra before and after the dissolution process, 
before which the electrode exhibited a spectrum almost identical to that in pure 
sulphate solution. After the process, the spectrum showed only slightly increased 
impedance values, not nearly as dramatic as for the data in Figure 4-42. Hence, 
it can be concluded that a relatively small number of corrosion pits were created 
during the dissolution process, resulting in spontaneous depassivation and a low, 
steady electrode potential. However, between these pits, a thick passive layer 
was likely to be present, so that overall the net layer thickness was slightly 
increased during the dissolution process. 
4.4.3.3 Experimental Error 
A Kramers-Kronig analysis shows a generally acceptable deviation from linearity. 
Residual error plots showed that the level of error for Z"-values is usually low, i. e. 
< 5%, whereas Z' has a larger error margin of up to 25%, especially for 
frequencies below ca. 1 Hz. 
The sources of error were indentified to be very similar to the previous 
impedance measurements (section 4.4). Electrical noise can be considered the 
main error source, since the currents generated in these experiments are at the 
order of 10-8 A, so that even small disturbances would have a significant effect. 
An additional contribution may have arisen from the dissolution process creating 
a higher micro-scale roughness of the surface due to pitting corrosion, so altering 
the surface properties. 
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4.5. Model of Aluminium Dissolution 
4.5.1 Introduction 
The dissolution of aluminium is complex, consisting of a range of chemical, 
physical and electrochemical processes. It was shown above that a constant 
dissolution rate was facilitated by spontaneous depassivation of the anode 
surface, the occurrence of which depended on specific electrode surface 
properties. It was also shown that the depassivation was characterised by a net 
thinning of the passive oxide layer. However, it was not clear what caused the 
oxide to thin and to maintain this state steadily. 
Ionic species generated in the dissolution process include, among others, A13+, 
H+, and OR. Unfortunately, an analytical technique to measure these directly 
would require determining their concentrations in-situ at the nanometre scale 
without disturbing the system, which was precluded with the equipment available. 
An alternative approach is to simulate the system theoretically. A two- 
dimensional finite element model was developed to investigate the distribution of 
ionic species during aluminium dissolution and derive possible causes for 
spontaneous depassivation. 
The theoretical model was developed in Comsol Multiphysics (version 3.4), which 
is an interactive interface based on Matlab functions for solving sets of differential 
and algebraic equations. It features pre-defined equations for specific problems 
called "application modes" that can be applied to a custom geometry. 
This geometry, the model domain, is divided by a mesh into a number of small 
cells, where the differential equations are replaced by base functions. Then a set 
of algebraic equations is applied to determine the function coefficients, so that 
the base functions can be solved. 
4.5.2 Model Description 
4.5.2.1 Reactor Dimensions and Reactions 
The model was programmed using stationary analysis, i. e. the domain is at 
steady state and therefore time independent. The dimensions of the bench-scale 
electrocoagulation plant, described in chapter 3.4, were used as a template to 
provide a realistic design of the system (Figure 4-44). 
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----------------- 
LA13+ 
+3H, 0 -) AI(OH)_, +3H+ý 
In-flow: c(AI3+)=O, pH 7 
Figure 4-44: Dimensions and reactions of modelled reactor system 
The rectangular flow channel was characterised by an inter-electrode gap of 2 
mm and the electrodes were situated at the top of the channel with an active area 
of 0.14 x 0.035 m. An electrically inactive entry zone was defined beneath the 
electrodes to provide fully developed flow, as in the case of the actual bench- 
scale reactor. The solution enters and leaves the reactor parallel to the flow 
channel walls. 
The following electrochemical reactions were considered: 
At the aluminium anode: 
Al Al" + 3e- 
At the inert cathode: 
2H, O+2e- --> H, +2OH- 
The current density was given by the Tafel equation for reaction [4.10]: 
JAI 
- 
jO, 
AI 
exp(ß41 - 17) 
[4.10] 
[4.11 ] 
[4.12] 
with the overpotential ii = E, - E°,. , the exchange current 
density for aluminium 
jo, A, = 3x10-6 A M-2 (Hurlen, T. et al. 1984) and the Tafel coefficient ßA, = 7.407 
V-1, 
which was derived from measurements of typical dissolution currents achieved 
for rough electrodes of technical grade in 0.5 g m-3 sodium sulphate solution 
(section 4.3.4.1). The current arising from reaction [4.11] jH2 was connected to 
the aluminium current jai by the simple relationship jH2 = -jAI. Since the applied 
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anode potential was kept above the reversible potential of hydrogen evolution at 
ca -0.65 V(SCE) or -0.2 V(SHE) at pH 7, only one reaction was considered at this 
electrode. At the correspondent cathode potentials only reaction [4.11] could 
occur, so that anode and cathode currents have to be equal and of opposite 
signs. 
The applied anode potential EA was the main parameter adjusted in this model. 
Although in practice constant current densities are applied with the potentials 
developing according to equation [4.12] describing the electrode kinetics, the 
adjustment of EA allowed the generation of model results for increasing 
overpotentials starting from the reversible potential Erev = -1.67 V(SHE) and thus 
for increasing current densities. This stepwise approach provided a way of 
developing more accurate and reliable model solutions; without this approach it 
was difficult to achieve convergence. 
The electrochemical reaction rates were determined from Faraday's law: 
r= 
A 
z"F 
[4.13] 
AI3+, produced by reaction [4.10], forms AI(OH)3 in the bulk solution between the 
electrodes, which was represented by a two-step process: 
Al" + H, O < Al(OH)2+ + H+ [4.14] 
Al(OH)2+ + 2H2O-) Al(OH)3+2H20 [4.15] 
These homogeneous reactions were assumed to be have first order kinetics. For 
the kinetic rate coefficient k1 for reaction [4.14] a value of 105 s-' was used 
(Holmes, L. P. et al. 1968),. No rate coefficient could be found in the literature for 
reaction [4.15], so that 104 s-' was chosen for k2, considering the increased size 
of the reactant compared to the previous reaction and hence the increased 
probability of slower reaction kinetics. A sensitivity analysis of the reaction rate is 
included in section 4.5.3 below. 
The kinetic constants for the reverse reactions k_1 and k_2 were determined from 
the equilibrium constant K: 
K; = 
k' 
= k_; = 
k' [4.16] 
k_; K; 
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K. = exp RT 
[4.17] 
where Ki is the equilibrium constant of reaction i, k; and k_; are the respective 
kinetic rate constants, OG; is the Gibbs energy change of reaction i, R the 
universal gas constant and T the temperature. The Gibbs energies of formation 
used for these calculations are shown in Table 4-3. 
species and phases d G; /J mof' 
AI3+(aq) -4.85x10-5 
AI(OH)2+(aq) -6.941 x105 
AI(OH)3 (amorphous) -1.138x106 
H2O -2.372x105 
Table 4-3: Gibbs energies of formation for various aluminium species and water (Bard, A. J. et al. 
1985) 
The free energies and equilibrium constants of the two reactions were calculated 
as follows: 
Reaction [4.14]: 
AG, =1(vj, "AG11)-1(v, 1 "AG) 
AG, = (-6.941.105) 
1- 
(-4.85.105 + (-2.372.105 )) 
mol mol 
=2.808.104 
J 
mol 
-2.808.104 Jmol-' K' - exp RT 
exp 8.3 14J (molK)-' . 293K 
=9.868.10-6 
Reaction [4.15]: 
AG2 =1(v12 . AG12) -ý (v, 2 " AGr2 ) 
AG2 = (-1.138.106) - (-6.941.105 + 2-(-2.372.10')) 
mol mol 
= 3.066.104 
J 
mol 
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-OGZ -3.066.104 Jmol-' K2 = exp RT = 
eXp g 314J (molK)-1 "293K 
= 3.424.10-6 
4.5.2.2 Application Modes and Boundary Conditions 
Three application modes were used to describe this system, all of which are pre- 
defined in Comsol Multiphysics: 
- "Navier-Stokes" 
- "Convection and Diffusion" 
- "Nernst-Planck" 
These application modes were linked with each other and solved simultaneously. 
In all three modes the solution was described with the material properties of pure 
water at 298K. 
a) Navier-Stokes application mode 
This mode was used to solve for incompressible laminar flow using the 
momentum transport equation (Model-Guide 2008): 
aü 
_v[ 
(oü+(oü)T )]+p(ü. o)ü+op=F [4.18] p 
at L 
In addition, the continuity equation was applied: 
O-ü=O [4.19] 
Where p is the fluid density, q the viscosity, p the pressure, ü the velocity field 
and F the volume force field (i. e. gravity). The boundary conditions are 
summarised in Figure 4-45. A "no slip"-condition was applied to the flow channel 
walls; the inlet fluid velocity was chosen to be 0.0397 m s-', which corresponds to 
2.778x10-6 m3 s-1 or 10 dm-3 h"1, entering at the bottom of the reactor parallel to 
its walls and only flowing into the y-direction. From the reactor dimensions and 
the flow rate a hydraulic diameter of 3.87x10-3 m and a mean Reynolds number 
of 150 was determined. The reactor outlet was defined with a stress value of zero 
normal to the boundary surface. 
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Figure 4-46: Boundary conditions for 
Convection and Diffusion application 
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b) Convection and Diffusion application mode 
This mode was used to model the distribution of the only non-charged species, 
AI(OH)3, that forms homogeneously as precipitate in the bulk solution (equation 
[4.15]). It simulates the transport of particles caused by concentration gradients 
(diffusion) and by fluid flow (convection). The following equation applies 
assuming an incompressible fluid and steady state (time-independence) (Model- 
Guide 2008): 
V "(-DVc+ci)=R [4.20] 
Where D is the diffusion coefficient, c the concentration of AI(OH)3, i the velocity 
field and R the reaction rate for the formation of AI(OH)3, which was described 
as: 
RA/(OH) = k2 c(Al(OH)'+) - 
k'` 
. c(Al(OH)3) - 2c(H+) [4.21] K, 
The diffusion coefficient of AI(OH)3 (aq) was defined as 1 x10-9 m2 s-1 at 293 K 
derived from data given in Horvath's monograph (Horvath, A. L. 1985) and the 
145 
inlet 
velocity v=0.0397 m s-1 
corlVacrive flow 
4. Electrochemical Characterisation of Aluminium 
initial value for c(AI(OH)3) was set at zero, since these species form only by the 
precipitation reaction [4.15]. 
The boundary conditions for the application mode are shown in Figure 4-46. In 
order to save computing time and improve convergence, the active area for this 
mode was decreased by neglecting the lower, non-electroactive part of the flow 
channel and moving the bottom boundary to the edge of the electrodes. Here, an 
influx concentration of zero was set for AI(OH)3. The outlet was defined as 
"convective flow", whereas the flow channel walls acted only as outer flow 
restriction ("insulation/symmetry"). 
c) Nernst-Planck application mode 
The Nernst-Planck equation describes the movement of dissolved, i. e. ionic, 
species by migration, convection and diffusion, as described in chapter 2.1. In the 
model it was given by (Model-Guide 2008): 
V (-D1Vc, - z; u, Fc1VO) +üVc, =R, [4.22] 
Where F is the Faraday constant, D; is the diffusion coefficient, c; the 
concentration, um,; the ionic mobility and R; the reaction rate of species i. VO 
denotes the potential gradient causing the migration of ions, whereas Vc; 
represents the concentration gradient as driving force for diffusion and i the 
velocity field vector, which is responsible for convection. 
The diffusion coefficients of each species were determined from data given by 
Horvath (Horvath, A. L. 1985): 
species Na 2+ SO 4- H+ OH- AI3+ AI(OH)2+ 
D; / 109 m2 s-' 1.3 2.1 9.0 5.2 1.6 1.0 
Table 4-4: Diffusion coefficient of ionic species (Horvath, A. L. 1985) 
It is also assumed, that every unit of volume in the solution is of neutral charge: 
lzi "C, =O [4.23] 
A number of ionic species are present in the model solution. Sodium sulphate 
Na2SO4 was defined as supporting electrolyte at a concentration of 0.5 mol m-3 in 
accordance to the laboratory experiments described in chapters 4.2 and 4.3. H+ 
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and OH- are present due to the natural equilibrium of water; their initial 
concentration was adjusted at 1x10-4 mol m-3, which corresponds to pH 7. The 
hydroxide ion is also formed at the cathode due to hydrogen evolution. In 
addition, the aluminium species A13+ and AI(OH)2+ are formed during the process 
at the anode and in the bulk solution, respectively. 
Except for the supporting electrolyte and the hydroxide ion, the ionic species take 
part in homogeneous reactions and are therefore present in their respective 
reaction terms: 
RH+ = k, " c(Al3+) - 
k' 
" c(Al(OH)2+ " 2c(H+) + k2 " c(Al(OH)2+ - 
k2 
" c(Al(OH)3) " 2c(H+) K, K2 
[4.24] 
RA13+ _ -k, " c(Al3+)+ 
k' 
- c(Al(OH)2+) c(H+) [4.25] K, 
R I(OH)2+ c(A13+) - 
k' 
- c(Al(OH)2+) . c(H+) + -k2 . c(Al(OH)2+ +-L' " c(Al(OH)3.2c(H+) K, K2 
[4.26] 
Each of the species involved had to be provided with separate boundary 
conditions (Figure 4-47). The bottom boundary a was defined just beneath the 
electrodes for similar reasons given above. It represented the solution inlet, 
where the initial ionic concentrations were specified. Boundary b was defined as 
the aluminium anode, where the dissolution current JA, was used to generate A13+ 
according to equation [4.10]; for all other species this boundary was inactive. 
Section c and e were electrically inactive and acted only as flow restrictions. 
Boundary d provided the outlet, which was set at "convective flux" for all species, 
whereas boundary f represented hydrogen evolution releasing OR -ions 
according to equation [4.11]. 
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Figure 4-47: Boundary conditions for Nernst-Planck application mode 
4.5.2.3 Mesh 
Due to the fast homogeneous precipitation reaction and the electrochemical 
reactions occurring at the electrode surfaces, a sharp concentration gradient 
developed for A13+, AI(OH)2+, AI(OH)3 and OH- in close proximity to the 
electrodes. Hence, a fine mesh was required in this area, which could become 
coarser further into the centre of the flow channel. A relatively coarse mesh could 
be applied to the inactive area in the bottom part of the flow channel, since the 
distribution of ionic species was not modelled here. The mesh is shown in Figure 
4-48 below. 
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Figure 4-48: Schematic of the mesh used in modelling aluminium dissolution; the unit on x- and y- 
axis is m. 
4.5.3 Model Results 
4.5.3.1 Data Presentation 
In this chapter model results are presented as 2-D surface plots or 1-D section 
plots, which are shown schematically in Figure 4-49 below. A surface plot 
displays the distribution of a parameter over the whole domain; parameter 
variations are highlighted by a colour scheme, where blue denotes the lowest 
and red the highest value. The plots presented here will always show the 
aluminium anode at the left hand side and the inert cathode at the right hand side 
of the plot. The flow direction is always from bottom to top. 
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Figure 4-49: Schematic of data presentation in surface in section plots 
A section plot presents the parameter values along a cross-sectional cut in x- 
direction at a specific height y. In this way, specifically interesting areas can be 
investigated more closely and parameter values viewed and compared. 
For the purpose of clarity, data will be presented for an anode potential EA of 
+0.4 V(SHE), which provides results at the lower end of typical current densities 
used in practice. Additional sets of results for EA= 0.5 V(SHE) can be found in 
appendix F. 
4.5.3.2 Flow Profile 
The flow profile, as computed by solving the Navier-Stokes equation, is 
presented in Figure 4-50, alongside Figure 4-51 showing the distribution of the 
Reynolds number. It can be seen, that there are turbulences at the flow inlet at 
the bottom of the reactor, that level out further along the flow channel. Assuming 
the transition of laminar to turbulent flow taking place at Reynolds numbers of 
about 2300, the numbers computed reach at maximum 876, which is too low to 
be considered turbulent. Hence, this part of the flow profile represents a 
computational artefact that has, however, little effect on the fluid dynamics 
between the electrodes. Here, a parabolic profile is shown along the x-axis, 
which is typical for laminar flow with the use of a non-slip condition at the channel 
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walls. 
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Figure 4-50: Surface plot of fluid velocity in m s-' 
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Figure 4-51: 3-D plot of Reynolds number and 
flow profile along the reactor 
The Reynolds-numbers in the electroactice area reach a maximum of ca. 350 in 
the centre of the flow channel, which is far below the turning point from laminar to 
turbulent stated above. In these calculations the influence of hydrogen bubbles 
forming at the cathode was neglected due to the high computational complexity 
of modelling multi-phase flow. 
4.5.3.3 Distribution of Current and Potential 
For an anode potential of 0.4 V(SHE) a current density of 14.3 A m-2 was 
computed showing a uniform distribution throughout the electroactive area of the 
reactor (Figure 4-52 and Figure 4-53). 
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Figure 4-52: Surface plot of current density in A 
m for EA = 0.4 V(SHE) 
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Figure 4-53: Section plot of current density at a 
reactor height of 0.3 m for EA = 0.4 V(SHE) 
In the bottom left corner of the surface plot a small area of much higher current 
can be seen, which is the result of computational inaccuracies arising from the 
large gradients in this part of the mesh, where the electrode begins. 
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With jAI = 14.3 A m-2, Ae = 4.9x10-3 m2, MA, = 27 g mol-', ZA, = 3, F= 96485 C moI- 
', V=2.778x10-6 m3 s-' the theoretical aluminium concentration can be 
determined using Faraday's law: 
c(Al3+) = 
JAI Ac MAI 
[4.27] 
ZAI FV 
c(Al3+) = 2.35.10-3 g m-3 
The relative electrical potential is shown in Figure 4-54 and Figure 4-55. A 
relative potential of zero translates to a true potential of +0.4 V(SHE), which is 
the potential defined for the anode on the left hand side of the surface plot. The 
relative potential drops to a minimum of ca. -1.4 V(SHE) due to the ohmic 
resistance of the solution, which corresponds to -1.0 V(SHE) for the true 
potential, at the bottom surface of the cathode. 
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Figure 4-54: Surface plot of relative potential in Figure 4-55: Section plot of relative potential 
V(SHE) at EA = 0.4 V(SHE); a relative potential of in V(SHE) at EA = 0.4 V(SHE); a relative 
zero refers to a true potential of 0.4 V(SHE) potential of zero refers to a true potential of 
0.4 V(SHE) 
The vertical distribution is not entirely homogeneous with the cathode potential 
being more negative at the bottom than at the top. This is the result of the ionic 
conductivity distribution, which is highest at the top part of the reactor near the 
electrodes and lowest at the centre bottom (Figure 4-62). A higher conductivity 
results in a lower potential drop and therefore a less negative absolute potential. 
Another effect of this conductivity profile is the non-linearity of potential close to 
the electrodes, as evident in Figure 4-55, whereas the potential profile appears 
linear closer to the bulk solution, in which conductivity variations are insignificant. 
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4.5.3.4 Distribution of Ionic and Hydrolysed Species 
The distribution of the components of the supporting electrode, Na' and S042-, is 
shown in Figure 4-56 and Figure 4-57. Migrational transport of Na' and S042- 
ions down and up the electric field causes them to accumulate at the cathode 
and anode respectively, but as they are electro-inactive, their surface 
concentration increases until their diffusion rates away from the electrode, back 
in to the bulk solution, exactly balances their migrational fluxes. An accumulation 
of ions at the top / trailing edge of the electrode is also evident, due to the 
boundary layer thickening with distance from the leading to the trailing edge of 
the electrodes. This causes higher surface concentrations to achieve the same 
diffusion rates over thicker boundary layer; this pattern appears for all modelled 
species. 
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Figure 4-56: Surface plot of Na+-concentration in Figure 4-57: Surface Plot of S042- -concentration 
mol m-3 for EA = 0.4 V(SHE) in mol m-3 for EA = 0.4 V(SHE) 
Figure 4-56 also shows a grid-like pattern near the anode, which indicates 
computational inaccuracies probably as a result of the large concentration 
gradients between mesh nodes in this part of the structure. 
The concentration of AI3+ generated at an anode potential of +0.4 V(SHE) highest 
in close proximity to the anode, where its electrochemical formation takes place, 
and decays rapidly with distance normal to the anode to its effectively zero 
concentration in bulk solution (Figure 4-58). Due to the strong convection the ions 
leave the reactor at the top before they can enter the remainder of the bulk 
solution. A section plot at a reactor height of 0.3 m demonstrates the rapid decay 
of A13+ -concentration from the electrode surface to 
the centre of the reactor with 
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a concentration of ca. 2.8 g m-3 at the surface to essentially zero at a distance of 
0.6 mm. 
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Figure 4-58: Surface plot of AI3+ -concentration in Figure 4-59: Section plot of Al3+ 
mol m-3 for EA = 0.4 V(SHE) concentration in mol m-3 at a reactor height 
of 0.3 m for EA = 0.4 V(SHE) 
A very similar result was obtained for the distribution of AI(OH)2+ -ions, though at 
a lower concentration level with a maximum value of about 0.0115 g m-3 at the 
anode surface (Figure 4-60 and Figure 4-61). 
Max: 0.0121 0.012 
0 0.012 
M 
E 0.01 
0 E 0.008 
Ö 0.006 
0.004 
0.002 
aý 
c 
0 
0 0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1.8 20 
X10-3 Min: -2.056e-5 
-0.0020 0.2 0.4 0.6 0.8 1 1.2 1.4 1,6 1.8 2 
reactor width /m x10-3 
Figure 4-60: Surface plot of Al(OH)2+ - Figure 4-61: 
Section plot of AI(OH)2+ - 
concentration in mol m-3 for EA = 0.4 V(SHE) concentration 
in mol m3 at a reactor height of 
0.3 m for EA = 0.4 V(SHE) 
Consequently, the solution conductivity shows a distinct distribution profile 
throughout the reactor (Figure 4-62 and Figure 4-63). The highest conductivity of 
ca. 0.3 S m-3 was computed directly at the anode surface, where the highest ionic 
concentration was predicted. It decreases rapidly to a value of 0.02 S m-1 in the 
bulk solution between the electrode and increases to ca. 0.1 S m-1 at the 
cathode. Experimentally, the conductivity of the model solution used here (0.5 g 
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M-3 Na2SO4) was determined as ca. 0.015 S m-1. 
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for EA = 0.4 V(SHE) m' at a reactor height of 0.3 m for EA = 0.4 
V(SHE) 
A comparison of the AI3+ -concentration profile generated with k1-values of 10, 
103 and 105 s-1 shows the independence of the ionic distribution on the 
precipitation kinetics (Figure 4-64). 
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Figure 4-64: Comparison of AI3+ -concentration profiles in mol m-3 computed with k, = 10,103 and 
10 s-'. 
There is no observable difference between the three plots, showing the same 
concentration profiles of ionic aluminium(Ill) at all three k1 values. Assuming a 
time-independent steady state process in this model, the actual reaction kinetics 
are not important for the concentration profile of ionic species, which hence ought 
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to depend solely on the equilibrium constant. 
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Figure 4-65: Surface plot of AI(OH)3 -concentration Figure 4-66: Section plot of AI(OH)3 - 
in mol m-3 for EA = 0.4 V(SHE) concentration in mol m-3 at a reactor height of 
0.3 m for EA = 0.4 V(SHE) 
The distribution of AI(OH)3 molecules is shown in Figure 4-65 and Figure 4-66. 
As for the ionic species, the concentration was predicted to be highest close to 
the anode and decreases rapidly with increasing normal distance from the anode. 
In general, the local concentration is comparatively low, with a maximum of 8x10- 
6g m-3 directly at the anode surface. Therefore, the main part of the precipitation 
of dissolved aluminium(III) to aluminium hydroxide takes place after the solution 
has already left the reactor. 
4.5.3.5 Distribution of pH 
As a result of the distribution of ions and particles shown above, a pH-profile 
develops between the electrodes. The initial pH of the incoming solution was 
defined as 7, which changes inside the reactor due to electrochemical and 
chemical reactions. 
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Figure 4-67: Surface plot of pH for EA = 0.4 V(SHE) Figure 4-68: Section plot of pH at a reactor 
height of 0.3 m for EA = 0.4 V(SHE) 
The surface plot in Figure 4-67 shows a relatively low pH of ca. 5.5 near the 
anode and a high pH of ca. 12 near the cathode, for an anode potential of 0.4 
V(SHE). With increasing distance normal to the electrodes, it approaches the 
initial value of 7 for the incoming solution. The reason for the high pH at the 
cathode lies in the production of OR ions by hydrogen evolution (reaction [4.11]). 
At the anode, H+ ions are released by the precipitation of AI3+ to AI(OH)3 
according to reactions [4.14] and [4.15]. This results in the relatively low pH in 
close proximity to the anode facilitating the dissolution of the passive layer. 
Therefore, it can be assumed that, as aluminium(III) species dissolve from the 
aluminium anode, they hydrolyse and eventually precipitate, releasing H+ and 
creating a local acidic pH. This dissolves the passive layer locally leading to 
enhanced dissolution and the development of a steady state, which can in 
practice be observed from a relatively low and steady electrode potential. 
These model results also show a striped pattern of fluctuations at some parts of 
the surface plot being the result of inaccuracies in the model solution. 
4.5.3.6 Computational Error and Model Reliability 
This model is based on the dissolution of aluminium electrodes without taking 
into account any form of passivation or spontaneous depassivation, since these 
phenomena are not yet sufficiently well understood and hence difficult to describe 
mathematically. Accurate kinetic data for aluminium dissolution at neutral pH 
could not be found in the literature due to the complex nature of this process. 
The model solutions above are the result of a lengthy optimisation process, 
whose main aim was to achieve convergence and improve the model reliability. 
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However, there are still fluctuations and irregularities in some parts of the surface 
plots presented above, that could not be avoided entirely. The sharp changes in 
ionic concentration near the electrodes, especially the anode, created large 
gradients between single mesh nodes, that are difficult to solve and probably 
responsible for these computational problems. 
The model would provide a more realistic solution, if reliable kinetic data for the 
electrochemical dissolution reaction could be incorporated. In addition, the 
hydrogen bubbles being evolved at the cathode, that have an effect on the 
hydrodynamics of the system and hence the ionic distribution, were neglected in 
the present model. Attempts had been made to include a fourth application mode 
for multiphase flow, but the increased complexity of the model prevented a 
converged and reasonable solution in the time given. With regard to these 
limitations, the outputs from this model should rather be viewed semi- 
quantitatively. 
158 
4. Electrochemical Characterisation of Aluminium 
4.6. Surface Topography 
The surface topography of technical grade aluminium in an electrolyte solution of 
0.5 g m-3 Na2SO4 was measured by an atomic force microscope (AFM). The 
aluminium was pre-treated with a chemical polishing procedure as outlined in 
chapter 3.6.5. Judged by the naked eye the surface appeared to have a `mirror 
finish' showing a high degree of smoothness. The topography at a micro-scale is 
presented in Figure 4-69. 
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Figure 4-69: Image of the surface of a chemically polished aluminium sheet of technical grade 
purity in 0.5 mol m3 Na2SO4 
The surface on this image is very uneven with a cone-shaped structure on the 
nano-scale and large grooves and holes on the micro-scale. Therefore, a 
macroscopically smooth surface does not necessarily appear smooth at a small 
scale. The surface topography is likely to have an impact on the structure of a 
layer growing on top of it. It seems reasonable to suggest, that a microscopically 
rough surface leads to a significant number of imperfections, such as cracks and 
crevices, in the layer structure. 
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4.7. Chapter Summary 
4.7.1 Summary of Experimental Results 
Under potentiostatic control and in neutral solutions, aluminium electrodes clearly 
show passive behaviour. The electrode surface is covered by a layer of 
aluminium oxide and hydroxide, which limits dissolution currents over a wide 
range of anode potentials. However, chloride ions can migrate into the film under 
the influence of the local electric field and induce the growth of corrosion pits. 
Hence, a dramatic increase in the dissolution current was observed 
experimentally for potentials more positive than Epit = -0.52 V(SCE). The addition 
of humic acid decreased this effect by acting as a pitting inhibitor, so decreasing 
currents to lower but still significant levels. 
Under galvanostatic control, passivation was characterised by a constant 
increase of electrode potential, caused by a constantly growing passive layer. As 
the layer thickens, a higher potential was needed to pass the required current, 
which led to further layer growth. This behaviour was enhanced by a smooth 
electrode surface and the absence of chloride ions. It poses a great challenge for 
the operation of electrocoagulation plants in low conductivity, neutral waters, 
since increasing electrode potentials lead to very high cell voltages, as well as 
low concentrations of dissolved aluminium(III) and hence entirely uneconomic 
operation. 
However, a rougher electrode surface in the same solution exhibited a 
completely different behaviour, when a constant current was applied: After an 
initial passivation stage, the electrode potential suddenly decreased dramatically 
to a low and steady value. The electrode was subject to `spontaneous 
depassivation'. Being depassivated, the relatively low dissolution potential 
remained steady as long as the current was applied. When it was switched off, 
the electrode repassivated, but it depassivated again, when the current was 
switched on shortly thereafter. 
The effect of spontaneous depassivation was enhanced by the presence of 
chloride ions and an increased surface roughness. It was often a stronger effect 
for high purity than technical grade electrodes, showing lower dissolution 
potentials. By long-term exposure to an aqueous solution not containing chloride, 
the effect was reversed and previously depassivated electrodes then showed 
160 
4. Electrochemical Characterisation of Aluminium 
passive behaviour. 
Investigations with electrochemical impedance spectroscopy showed that a more 
positive electrode potential led to a thicker passive layer. Its growth coefficient on 
technical grade aluminium in sodium sulphate solution was ca. 2 nm V. When a 
constant current was applied and passivation behaviour was exhibited, the 
thickness of the layer increased dramatically, which was reflected in very high 
impedance values. 
However, it was also shown that for pure electrodes, spontaneous depassivation 
led to an overall thinner layer. Technical grade electrodes still appeared to have a 
slight increase in the total layer thickness, when exhibiting depassivation 
behaviour. The reason lies in the macroscopic nature of the impedance 
measurement, which only provided results for the whole electrode surface with 
an insufficient resolution for localised phenomena, unless such measurements 
were combined with scanning probe techniques. 
The distribution of ionic species, such as A13+, H+ and OH-, and aluminium 
hydroxide molecules during the dissolution process was simulated with a finite 
element model in Comsol Multiphysics. It showed that, mainly due to the large 
contribution of convection to overall transport rates in the flow-through reactor, all 
species accumulated near the electrodes. The hydrolysis and precipitation of 
dissolved aluminium(III) to hydroxide releasing H+ is a fast reaction, so that the 
product is formed close to the anode, where the aluminium(III) is dissolved. The 
release of protons leads to a significant decrease in local pH near the anode. 
However, the evolution of hydrogen at the cathode creates OR ions, so that a 
profile is developed with a low pH near the anode and a high pH near the 
cathode. Even a macroscopically smooth, chemically polished aluminium 
electrode was found to have a microscopically uneven surface topography. 
These surface features could be responsible for creating imperfections in the 
structure of the passive layer. 
The previously economically unviable electrocoagulation process can be 
improved significantly by using the knowledge developed in this work. There is a 
good chance to operate an electrocoagulation plant much more efficiently by 
applying simple pre-treatment procedures to the aluminium anodes, inducing 
spontaneous depassivation. 
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4.7.2 A Proposed Mechanism of "Spontaneous Depassivation" 
The results presented above can be used to develop a hypothesis for the 
mechanism of spontaneous depassivation in electrolyte solutions not containing 
pitting promoters, such as chloride ions. Being a very reactive metal, aluminium 
forms a film of oxide and hydroxide on its surface even in the presence of small 
amounts of water or oxygen immediately, as can be concluded from the very 
negative Gibbs energy of formation for these phases (AGf, AI(OH)3 = -1.138x106 J 
mol-1; AGf, A12o3 = -1.582x106 J mol-' (Bard, A. J. et al. 1985)). Judging from the 
literature as well as the form of impedance spectra presented in section 4.4, it is 
likely that this film consists of two sub-layers: a dense base layer of A1203 (barrier 
layer) and a top layer of porous AI(OH)3 (porous layer). Since the barrier layer is 
essential for blocking the passage of current, the porous layer will be neglected in 
the following explanations. 
It seems likely that a relatively smooth electrode surface is particularly efficient in 
preventing the passage of current, since at constant potential such surfaces 
showed significantly lower leakage currents than rough electrodes (section 
4.3.3). In galvanostatic experiments they exhibited a constantly increasing 
potential, which can be considered a strong indicator for a growing passive layer. 
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Figure 4-70: Schematic of a smooth aluminium surface covered by a passive film of A1203 
Therefore, if a constant current is applied, the majority of charge is used to 
thicken the aluminium oxide film (Figure 4-71); hence, only a small amount of 
aluminium can pass through the layer and reach the bulk solution, as was shown 
experimentally (section 4.3.1). Due to the increased film thickness a higher 
electrode potential is required to pass the current, which results in a larger 
overpotential for oxide formation and an even thicker layer. As a result, the 
electrode potential rises continuously, and more and more energy is needed to 
drive the current amid a growing passive film. 
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Figure 4-71: Passive layer growth under galavanostatic conditions: passivation 
However, s relatively rough surface is likely to create a significant amount of 
imperfections in the passive film structure (Figure 4-72) due to mechanical stress 
not being distributed evenly (Hancock, P. et al. 1974; Pilone, D. 2008). As 
mentioned in chapter 2.4.2, these defects were determined experimentally by 
SECM measurements. In addition, the literature shows, that due to surface 
roughness the current density is distributed heterogeneously with higher values 
at protruding peaks and lower values in flat grooves (chapter 2.3.2.2). When a 
constant current is applied, cracks in the film provide comparatively easy 
transport for aluminium ions through it to reach the surrounding solution. Once in 
solution, they hydrolyse rapidly, depending on the local pH, and precipitate close 
to the electrode surface, forming AI(OH)3 and releasing H+ (Figure 4-73). 
AI3+ + H2O -i AI(OH)3 
( 
AID ýý`ý ý 
i 
Al 
A1, ß 
AI3++3e- Al 
current 
Figure 4-72: Schematic of a rough aluminium Figure 4-73: Under galvanostatic conditions ions 
surface covered by a passive film of A1203 are passed through cracks 
in the film 
showing imperfections. precipitating near the surface and releasing 
protons. 
Due to the release of H+ close to the surface the pH decreases locally creating an 
acidic environment; this was shown by FEM simulations (section 4.5.3.5). In the 
case of pitting corrosion it is generally accepted, that a pit is stabilised by the 
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existence of acidic pH values within resulting in pit growth until mass transport 
limitation is reached (chapter 2.2.5). Since the solubility of aluminium species is 
strongly increased at low pH, is seems likely that local dissolution of the passive 
layer results in widening the pre-existing cracks and possibly leaving bare metal 
on the surface. This would provide a higher local conductivity facilitating the 
passage of a larger amount of aluminium ions and preventing the repassivation 
of this dissolution site (Figure 4-74), which may aid the stabilisation of a 
dissolution site. In addition, local current densities decrease due to a larger active 
area. The ionic transport may be limited by a relatively high concentration of 
aluminium hydroxide close to the electrode surface, also shown by model results 
(section 4.5.3.4). 
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Figure 4-74: The release of protons results in a low pH near the place of precipitation dissolving 
the passive film locally. A wide opening in the film now facilitates the passage of more ions 
leading to enhanced precipitation and development of steady state dissolution. 
In general, electrodes showed wide, shallow oxidative dissolution sites rather 
than small, deep pits after the dissolution process. Electrochemical impedance 
measurements on high purity electrodes revealed a remarkable decrease in 
impedance as result of the dissolution process (section 4.4.3.2). In previous 
experiments, this behaviour was connected to a thinner passive layer (section 
4.4.2.2). Hence, it seems reasonable to suggest that a local dissolution of 
aluminium oxide species on the electrode surface has been shown. 
However, it was also shown that technical grade electrodes exhibited slightly 
increased impedance after dissolution (section 4.4.3.2). This may be the result of 
a relatively low dissolution site density observed experimentally. Since 
impedance spectroscopy is a macroscopic measurement of the entire electrode 
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surface, a thinner layer on only a small number of sites, but a thicker layer on the 
remaining passive area would lead to an overall increase in impedance values. 
In the literature of oxide film growth and pitting corrosion it is reported, that pits at 
electrode potentials below the pitting potential are subject to a dynamic 
equilibrium of corrosion and passivation (section 2.2.5). A pit can only be 
maintained in a stable state, if the right conditions are met. If a disturbance, such 
as a change in electrode potential, leads to the destabilisation of a pit, it is 
instantaneously covered by a new passive layer (repassivation). 
Hence, it seems reasonable to assume that in the galvanostatic dissolution 
process a dynamic equilibrium of depassivation by local passive film dissolution 
and repassivation by the formation of oxide species is developed. Provided the 
right circumstances, such as the application of a constant current to a relatively 
rough and freshly prepared electrode surface, a self-sustaining process of 
"spontaneous depassivation" may be the result (Figure 4-75). The energy 
required to drive this process is comparatively small, so that a low and steady 
electrode potential is developed. 
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Figure 4-75: Development of locally dissolved passive film under galvanostatic conditions leading 
to corrosion pits - spontaneous depassivation. 
If the current is switched off, the surrounding aqueous solution facilitates the 
quick reformation of the film covering the previously active dissolution sites, as 
can be derived from the information given in chapter 2.2.3. However, when the 
current is re-applied in due course, the film is still thin enough to be 
depassivated, so that the electrode exhibits spontaneous depassivation. If the 
electrode is left in solution for a long period of time, the film thickness increases 
considerably, as it was shown by impedance spectroscopy (section 4.4.3.2). 
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Then the local acidic pH is not sufficient to dissolve the passive film and trigger 
spontaneous depassivation. 
i 
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166 
4. Electrochemical Characterisation of Aluminium 
4.8. References 
Bard, A. J., R. Parsons, et al. (1985): "Standard Potentials in Aqueous Solutions" 
Marcel Dekker, New York. 
Barsoukov, E. and J. R. Macdonald (2005): "Impedance Spectroscopy", 2nd 
edition, Wiley, Hoboken, N. J. (USA). 
Bessone, J., C. Mayer, et al. (1983): "AC-impedance measurements on 
aluminium barrier type oxide films" Electrochimica Acta 28(2): 171-175. 
Boukamp, B. A. (2004): "Electrochemical impedance spectroscopy in solid state 
ionics: recent advances" Solid State Ionics 169(1-4): 65-73. 
Diggle, J. W. and K. V. Ashok (1976): "Oxides and Oxide Films", Marcel Dekker, 
New York. 
Frers, S. E. (1990): "AC-Impedance measurments on aluminum in chloride 
containing solution and below the pitting potential" Journal of applied 
electrochemistry 20(6): 996-999. 
Hancock, P. and R. C. Hurst (1974): Surface oxide films at elevated 
temperatures in "Advances in corrosion science and technology", Vol. 4, M. G. 
Fontana, New York, Plenum Press. 
Hitzig, J., K. Juttner, et al. (1984): "AC-Impedance Measurements on Porous 
Aluminium-Oxide Films" Corrosion science 24(11-1): 945-952. 
Holmes, L. P., D. L. Cole, et al. (1968): "Kinetics of Aluminium Ion Hydrolysis in 
Dilute Solutions" The Journal of physical chemistry 72(1): 301 - 304. 
Horvath, A. L. (1985): "Handbook of aqueous electrolyte solutions", Ellis 
Horwood, Chichester. 
Hsu, C. H. and F. Mansfeld (2001): "Technical note: Concerning the conversion 
of the constant phase element parameter Y-0 into a capacitance" Corrosion 
57(9) : 747-748. 
Hurlen, T., H. Lian, et al. (1984): "Corrosion and Passive Behaviour of Aluminium 
in Weakly Acid Solution" Electrochimica acta 29(5): 579-585. 
Juttner, K. and W. J. Lorenz (1989): "The role of surface inhomogeneities in 
corrosion processes. Electrochemical impedance spectroscopy (EIS) on different 
aluminum-oxide films" Corrosion science 29(2-3): 279-288. 
Lee, W. J. (2000): "Effects of sulphate ion additives on the pitting corrosion of 
pure aluminium in 0.01 M NaCl solution" Electrochimica acta 45(12): 1901-1910. 
Martin, F. J., G. T. Cheek, et al. (2005): "Impedance studies of the passive film 
on aluminium" Corrosion science 47(12): 3187-3201. 
167 
4. Electrochemical Characterisation of Aluminium 
Model-Guide (2008): "Comsol Multiphysics Vers. 3.4 - Modelling Guide", Comsol 
Multiphysics. 
Norman, C. F. (1986): "Corrosion of Aluminium", Ph. D. thesis, Department of 
Chemistry, Unversity of Southampton. 
Pebere, N. and G. Boisier (2008): "EIS Study of Sealed AA2024 Anodized in 
Sulphuric Acid Solutions". 213th Meeting of the Electrochemical Society, 
Phoenix, Az (USA). 
Pilone, D. (2008): personal communication. University of Rome (Italy). 
Vukmirovic, M., N. Dimitrov, et al. (2002): "Dealloying and corrosion of Al alloy 
2024-T3" Journal of the Electrochemical Society 149(9): B428-B439. 
Wolborski, M. (2005): "Characterization of aluminum and titanium oxides 
deposited on 4H SiC by atomic layer deposition technique" Materials science 
forum 483: 701-704. 
168 
5. Aluminium Dissolution Efficiency and Process Performance 
5. Aluminium Dissolution Efficiency and Process Performance 
5.1. Introduction 
A technically successful and cost effective treatment process for raw water is 
mostly dependent on the concentration of dissolved coagulant, also called 
`coagulant dosage', which is represented by aluminium(Ill) in the present project. 
Hence, it was necessary to determine the dissolved aluminium(III) concentrations 
produced over a range of conditions, in order to enable optimisation of 
electrocoagulation process parameters. 
Cyclic voltammetry and constant potential measurements at a rotating ring disc 
electrode were used to investigate the production rate of hydrogen during 
aluminium dissolution, to enable the derivation of partial aluminium oxidation 
currents. This was complemented by dissolution experiments in a batch system 
with the subsequent measurement of dissolved aluminium(III) content. 
In addition, the electrochemical and water treatment performance of an 
electrocoagulation reactor at laboratory scale was determined using aqueous 
solutions containing the main contaminants humic acid, representing the organic 
matter present in natural waters, sodium chloride and sodium sulphate. 
Finally, the results of a pilot plant trial are discussed, in which the process was 
operated under industrial conditions. 
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5.2. Determination of Partial Currents with a Rotating Ring-Disc Electrode 
As mentioned in chapter 4, for electrode potentials in the range ca. -2.1 and -0.65 
V(SCE) (EAl /AI <E < EH (, H, ), aluminium electrodes produce net current 
densities, due to simultaneous aluminium oxidation and hydrogen evolution: 
Ll= JAl + 'Hz [5.1] 
In order to separate jAI and jH2, it is necessary to determine one of these partial 
currents. Hence, an attempt was made to use platinum ring on a rotating ring- 
disc electrode as an amperometric hydrogen sensor, to enable the hydrogen 
evolution current density, 1H2 on the aluminium disc to be calculated. 
During constant potential measurements at the aluminium disc electrode, the 
potential of the platinum ring electrode was held constant at a value that allowed 
the oxidation of hydrogen, evolved previously at the disc, to occur under transport 
control. This required potentials positive of the equilibrium potential for reaction 
2.33 , which 
is ca. -0.65 V (SCE) at pH 7. Local pH changes due to the 
production of H+ ions at the disc, which lead to a higher equilibrium potential, 
have to be taken into account. At potentials higher than ca. 0.4 V (SCE), there is 
a risk of oxidising the platinum material of the ring, resulting in a decrease in the 
kinetics of hydrogen oxidation. Thus, a ring potential between 0.2 and 0.3 V 
(SCE) was chosen. 
H2 being evolved at the disc will reach the ring electrode; for reactions at ring and 
disc involving the same electron stoichiometry, this so-called collection efficiency 
can be defined as (Albery, W. J. et al. 1971): 
4)coll -IR 
ID 
[5.2] 
with IR = ring current and ID = disc current. A theoretical collection efficiency can 
be calculated based on the dimensions of the RRDE system; details are given in 
Albery's monograph (Albery, W. J. et al. 1971). 
For the particular ring-disc electrode used the manufacturer gives a theoretical 
collection efficiency of 26% (Pine Instruments Inc. ), which means that about a 
quarter of the hydrogen produced at the disc electrode will reach the ring 
electrode., whereas some hydrogen may dissolve. Therefore, the collection 
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efficiency at disc potentials more negative than EAP- /A/ - -2.0 
V (SCE) for pH 7 
should be 26 %, as hydrogen evolution is then the only reaction and jH, = j,,,,. 
Experiments were carried out at constant disc and ring potential for 4 minutes in 
0.5 mol m-3 Na2SO4 at a rotation rate of 1280 rpm. The average current values of 
the last 5 seconds are presented as results below. Details of the experimental 
procedure can be found in chapter 3.2. 
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Figure 5-1: Disc current density as function of Figure 5-2: Ring current density as function of 
the disc potential, independent measurement at disc potential at ring potentials 0.2 and 0.3 
two ring potentials 0.2 and 0.3 V(SCE); rotation V(SCE); rotation rate 1280 rpm, 0.5 mol m3 
rate 1280 rpm, 0.5 mol m3 Na2SO4 Na2SO4 
Figure 5-1 shows the effect of disc potential on disc current densities, with some 
duplication of data to estimate reproducibilities. As already shown in Figure 4.2 in 
chapter 4, the magnitude of the current density increased sharply for potentials 
more negative than -1.5 V(SCE) due to the increasing overpotential for hydrogen 
evolution, whereas it remains at essentially zero for potentials between -1.5 and 
0.0 V(SCE) due to passivation of the aluminium disc. It should be noted that the 
apparent reversible potential for this system (or the point, where jA, = jH2) was 
identified as -1.45 V(SCE) (Figure 4.1). Both measurements showed very good 
reproducibility. 
Similarly, for two independent measurements at different ring potentials, the ring 
current response increased with disc potentials more negative than ca. -1.5 
V(SCE), since a greater flux of hydrogen was produced at the disc and hence 
oxidised at the ring (Figure 5-2). For a disc potential more positive than -1.5 
V(SCE) the hydrogen oxidation current became negligible and was mainly 
superimposed by electrical noise. 
Figure 5-3 shows the effect of disc potential on apparent collection efficiencies, 
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calculated with equation [5.2] using the data in Figure 5-1 and Figure 5-2. At disc 
potentials more negative than ca. -1 .5 V(SCE), collection efficiencies in the range 
of 10 to 20 % were derived, but at -2.1 V(SCE), the measured efficiency was only 
12 %, compared with a theoretical value of 26 % for this potential. Since the disc 
current switches to positive signs due to ja, > jH2 for potentials > -1.5 V(SCE), 
apparent collection efficiencies became negative. 
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Figure 5-3: Collection efficiency as function of 
disc potential at ring potentials 0.2 and 0.3 
V(SCE); rotation rate 1280 rpm, 0.5 mol m3 
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Figure 5-4: Collection efficiency for a series of 
consecutive experiments; disc potential: -2.1 
V(SCE), ring potential: 0.3 V(SCE), rotation 
rate 1280 rpm, 0.5 mol m-3 Na2SO4 
Figure 5-4 shows collection efficiencies derived from seven consecutive 
measurements at a disc potential of -2.1 V (SCE). The first measurement yielded 
the theoretically predicted collection efficiency of 26 %, whereas subsequent 
measurements produced values of only 7 to 13 %. 
Apparently, it was not possible to measure reproducible collection efficiencies at 
such negative potentials, because the high rate of hydrogen production led to an 
accumulation of bubbles at the rotating electrode that were visible with the naked 
eye after several consecutive measurements. Although the electrode system was 
slightly tilted and rotated at a high rate of 1280 rpm, it was not possible to remove 
these bubbles in situ. Hence, it was not possible to determine reliable values for 
the partial current density jH2 with these measurements and alternative methods 
had to be employed. 
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5.3. Determination of Aluminium Dissolution Efficiency 
The experimental equipment used previously for the galvanostatic 
characterisation of aluminium (chapter 4.3) was also employed to determine the 
aluminium dissolution efficiency in various aqueous solutions. Experimental 
details can be found in chapter 3.3.3. A rough technical grade electrode was 
dissolved with a constant current density of 50 A m-2 for 1 hour, which would 
have resulted in a theoretical maximum concentration of 3.47 g m-3 according to 
Faraday's law. These parameters were chosen as they provide a dosage of 
aluminium(Ill) typical for the treatment of natural waters (Wetherill, A. 2005- 
2008), avoiding the evaporation of a significant amount of water during 
measurement. 
The actual aluminium(Ill) concentration, as measured by inductively coupled 
plasma spectroscopy (ICP), was related to the theoretical concentration to 
determine the faradaic yield OA, : 
C(Al3+ 
measured 
Al 
c(A 
13+ ) 
theoretical 
[5.3] 
The potential of the working electrode was recorded simultaneously; an average 
of the potential measured in the last 240 s of the experiment was calculated and 
is presented as steady state potential in the figures Figure 5-5 and Figure 5-6 
below. 
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Figure 5-5: Effect of NaCl concentration in 0.5 mol m-3 Na2SO4 on faradaic yields and electrode 
potentials of a stationary aluminium electrode; electrode 'techn. rough', current density: 50 Am2, 
dissolution time: 1 hour, expected aluminium(Ill) concentration according to Faraday's law: 3.47 g 
m 3. The systematic error of the yield measurement is 3%. 
The faradaic yield was unity for all sodium sulphate solutions with NaCl 
concentrations from 0.0 to 100 g m-3 (Figure 5-5). The steady state electrode 
potential was usually in the range of -0.4 to 0.1 V(SCE); however, for a solution 
of 8.8 g m-3 the potential was determined to be at a relatively high positive value 
of 0.7 V(SCE), which may be attributed to an insufficient pre-treatment of the 
electrode surface prior to the experiment. 
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Figure 5-6: Effect of humic acid concentration in 0.5 mol m-3 Na2SO4 + 8.8 g m-3 NaCl on faradaic 
yield and electrode potential of a stationary aluminium electrode; electrode 'techn. rough', current 
density: 50 Am2, dissolution time: 1 hour, expected aluminium(Ill) concentration according to 
Faraday's law: 3.47 gm3. The systematic error of the yield measurement was 3%. 
Figure 5-6 shows the faradaic yield and the steady state electrode potential for 
solutions containing 0.5 mol m-3 Na2SO4 and 8.8 g m-3 NaCI with additional 
concentrations of humic acid from 10 to 30 g m-3. For comparison, the result for 
the sodium sulphate / chloride solution without humic acid, already presented in 
Figure 5-5, was included. The faradaic yield had a value of about unity for zero 
and 10 g m-3 humic acid, but increased dramatically to ca. 1.5 for 20 and 30 g m- 
3. Hence, the addition of humic acid led to super-faradaic yields producing about 
50 % more aluminium(Ill) than expected. Likewise, the steady state electrode 
potential increased from -0.3 V(SCE) for 10 g m-3 humic acid to 1.6 V(SCE) for 30 
g m-3 
As shown in chapter 4.3 and 4.4 before, humic acid does influence the surface 
properties of the electrode. It acts as a pitting inhibitor (Figure 4-6, chapter 4.3) 
reducing the dissolution current in chloride containing solution considerably for 
electrode potentials more positive than Ep; t = -0.52 V(SCE). In addition, it 
decreased electrode impedance values (Figure 4-33, chapter 4.4), which is an 
indicator for the interfacial alteration of the electrical surface properties probably 
by adsorption of humic acid molecules on the electrode surface. This is reflected 
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in the increase of electrode potential necessary to obtain the specified current 
density (Figure 5-6), which suggests that humic acid inhibits the movement of 
ionic species into the bulk solution and thus effectively decreases the ionic 
conductivity near the electrode surface. 
Judging from results presented in chapter 4, it seems reasonable to assume that 
some interactions between dissolved aluminium(Ill) and humic acid molecules 
take place near the electrode. Humic acid is believed to feature a variety of 
functional groups, such as carboxylic and alcohol groups, but its detailed 
structure has not been fully established yet (Stumm, W. et al. 1996). A detailed 
discussion on the development of faradaic yields is given in section 0. 
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5.4. Continuous Electrocoagulation Reactor in Bench-Scale 
5.4.1 Introduction 
A continuous flow bench-scale electrocoagulation reactor, described in chapter 
3.4, was used to investigate the electrochemical as well as water treatment 
performance of this system. Humic acid and sodium chloride were added to a 
sodium sulphate solution as the main contaminants of natural water, in 
concentrations already used for the electrochemical characterisation experiments 
described in chapter 4: 0.5 mol m-3 Na2SO4,10 g m-3 humic acid and 0.15 mol m- 
3 NaCl (corresponding to 8.8 g m-3 
The electrochemical performance of the reactor was determined for two current 
densities, 9.5 and 95 A m-2, that corresponded to the lower and upper limit of 
aluminium(Ill) dosage needed for successful water treatment. Since a current 
density of 95 A m-2 resulted in a large ohmic potential drop in the low conductivity 
solutions used in these experiments, the electrode area of the aluminium anode 
was restricted to 2.1x10-3 m-2 by masking parts of the electrode with acrylic 
lacquer, in order to limit the cell voltage to be within the operational limit of the 
potentiostat. A sheet of aluminium All 050 served as anode, whereas the cathode 
was a platinised titanium mesh. The parameters monitored during reactor 
operation were electrode potential, cell voltage, pH, conductivity and total 
aluminium(Ill) concentration of the outlet stream. 
The treatment performance was assessed by sampling the supernatant of the 
flocculated solution 24 hours after the end of the process and determining total 
organic carbon (TOC) and the absorption of incident light at a wavelength of 254 
nm (UV254). The latter parameter is a standard measurement used by Yorkshire 
Water for the assessment of the degree of colour intensity (Wetherill, A. 2005- 
2008). For comparison, the same parameters were determined for the raw 
solution. 
5.4.2 Performance of Electrochemical Reactor with Ti / Pt Cathode 
In principle, the reactor behaviour determined in this set of experiments was 
similar for both current densities and all three electrolyte solutions. Figure 5-7 
shows an example of the time dependences of the anode and cathode potentials 
and the cell voltage during reactor operation at a constant current of 95 A m-2 
using a sodium sulphate solution. 
177 
5. Aluminium Dissolution Efficiency and Process Performance 
3.5 
3.0 
> 
2.5 
AAA 
wfA 
0 2.0 AAfA 
1.5 J 
F 
1.0 
0 a- 0.5 4 
ö 0.0 
ýi 
-0.5 
35 
A 
30 
25 
> 
20 C) 
CTJ 
0 
15 ý 
Q) 
0 
10 
-1.0        
-1.5 
0 1000 2000 3000 4000 5000 6000 
time /s 
" anode potential   cathode potential f cell voltage 
5 
0 
7000 
Figure 5-7: Time dependence of electrode potentials and cell voltage of A11050; 0.5 mol m-3 
Na2SO4, Ti/Pt counter-electrode, constant current density: 95 Am2, flow rate: 6.8 dm3 h-1 
1.9x10-6 m s-1), Re = 102. 
The aluminium anode exhibited spontaneous depassivation (chapter 4.3.3) with 
an initial potential of > 1.5 V(SCE) that decreased rapidly to a steady value of 
ca. -0.5 V(SCE). The reversible potential for hydrogen evolution is -0.65 V(SCE) 
at pH 7 and ca. -0.53 V(SCE) at pH 5. Even taking into account the development 
of an acidic pH near the anode, as shown in chapter 4.5, it seems unlikely that 
hydrogen was evolved at a significant rate at the anode, since the anode 
potential was too positive to provide a sufficient overpotential for this reaction. It 
is thermodynamically precluded, unless the electrolyte has a pH of less than 4, 
which was not the case for the bulk solution. However, as a result of the 
dissolution mechanism, the potential distribution is not homogeneous, as it is 
outlined in section 0. Hence, the local electrode potential at a microscopic scale 
might be considerably more negative than measured macroscopically. 
The cathode potential remained at ca. -1.0 V(SCE) throughout the experiment, 
corresponding to an overpotential for hydrogen evolution of ca. -0.4 V even at the 
Ti / Pt cathode. The cell voltage followed the curve of the anode potential and 
eventually reached a steady state value of ca. 24 V, which is considerably higher 
than the ohmic potential drop between the electrodes of 13 V, calculated from 
A0, =j" g/6 and assuming a conductivity a=0.014 S m-1. 
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From Figure 5-8 it can be seen, that the outlet pH, initially equal to the inlet pH at 
slightly below 7, increased during the experiment to ca. 8.2 as a result of the 
production of OR -ions by hydrogen evolution at the cathode. . 
However, the 
conductivity of the outlet stream did not change, although aluminium(Ill) was 
dissolved continuously during the experiment. This was due to the fast 
precipitation of almost all AI3+ to Al(OH)3, removing most of dissolved species 
and leaving the conductivity at its initial value. 
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Since the reactor behaviour was similar for all experiments, average steady state 
values of electrode potentials, cell voltage, pH and conductivity are shown in 
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Figure 5-9 and Figure 5-10 for current densities of 9.5 and 95 A m-2 and three 
solution compositions. Both anode and cathode potentials became more negative 
with increased current density, but exhibited no significant dependence on 
solution composition. The anode potential remained above the reversible 
hydrogen potential at pH 7 of -0.65 V(SCE). 
30 At the lower current density of 
25 9.5 A m-2, the cell voltage was 
20 only a little dependent on the 
ö 15 j 95Am solution composition (Figure 2 Ct--------------B---- 
,o!, 
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5 9.5Am_2 ohmic potential 
drop and 
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chloride contributions of electrode 
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Figure 5-10: Steady state cell voltage in various 
electrolyte solutions; blue rhombus: 9.5 Am2, pink voltage. A large discrepancy 
square: 95 Am2; dashed line: theoretical potential drop 
was observed between cell 
voltage and the calculated ohmic potential drop, when a current density of 95 A 
M-2 was applied in solutions not containing chloride. The addition of chloride to 
the solution was followed by a dramatic decrease of cell voltage. 
As shown in Figure 5-14, the change of the raw water conductivity was negligible 
when humic acid was added to the sulphate solution, but it increased to 0.018 S 
m-1 after addition of 0.15 mol m-3 sodium chloride. This moderate increase would 
lead to the IR drop decreasing marginally from 13 V to ca. 11 V, whereas the cell 
voltage was halved, falling from 24 V to 12 V. Therefore, the rise in solution 
conductivity cannot be the sole reason for the cell voltage decrease. 
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Figure 5-11: Electrode surfaces before and after measurement in various electrolyte solutions 
with 9.5 and 95 Am2; fluid flow direction: right to left. 
Figure 5-11 shows images of the aluminium electrodes before and after the 
dissolution process. As expected from the successful dissolution supported by 
spontaneous depassivation, clear signs of corrosion can be seen as black spots 
(corrosion sites or pits) of varying size on all electrode surfaces. In solutions not 
containing chloride ions, a lower current density resulted in much smaller 
corrosion sites than observed for the high current density, at which these sites 
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seemed to have widened and merged together, forming larger entities during the 
course of the experiment. 
Overall, a relatively low pit density, being the number of pits per unit area, can be 
seen on electrodes after dissolution in pure sulphate solution. At low current 
density the pit density increased slightly, when humic acid was added. Also, 
streamlines can be seen on electrodes in these two solutions; their cause has yet 
to be established. 
The addition of chloride caused a much higher number density of smaller 
dissolution sites, spread evenly over the electrode surface. The application of a 
higher current density further enhanced this effect and resulted in an even 
greater number of pits, so that no clear demarcations between sites could be 
seen and the surface appeared to be homogeneously corroded. 
It can be concluded that the application of an increased current density widens 
the extent of dissolution pits rather than deepening them. The presence of 
chloride ions resulted in a dramatic increase in the number of pits that were 
evenly distributed and created a homogeneously corroded electrode surface. 
In addition, it is possible to make a connection between the pit density and the 
cell voltage, which was shown to be unexpectedly high for electrodes with a low 
pit density (Figure 5-10). A small number of pits would lead to a very high local 
current density within each pit, since due to the high passivity of the non-pitted 
surface, the dissolution current is passed only through the small area of the 
dissolution sites. Hence, a rather large ohmic potential drop could be the result. If 
the pit density is increased considerably, the fraction of the passive, non- 
conducting electrode surface becomes negligible and the local current density 
within each pit approaches the applied average current density. In this case, the 
ohmic potential drop would be much smaller and would not lead to an 
unexpectedly high cell voltage. 
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Figure 5-12: Optical micrographs of dissolution sites at varying magnifications; solution: 0.5 mol 
m Na2SO4, current density: 95 Am2. 
Optical micrographs of dissolution sites produced in sodium sulphate solution at 
95 A m-2 show wide and relatively shallow pits (Figure 5-12). A zoom into the site 
centre shows a somewhat cloudy substance, which is likely to consist of AI(OH)3 
-precipitate, loosely covering an area of grey and shiny aluminium. Since a 
highly passivated surface usually has a matt appearance of light grey colour, it 
seems reasonable to assume that the base of the corrosion site is of relatively 
low passivity. 
After the addition of humic acid the initial conductivity of the raw solution 
increased slightly and more significantly, when sodium chloride was added. It 
usually remained at its initial value throughout the experiment (Figure 5-13 and 
Figure 5-14); however, the solution containing humic acid and sodium chloride 
experienced a conductivity decrease at both current densities. Humic acid 
particles coagulated in the reactor and took up a part of the dissolved chloride, so 
that these species were no longer able to contribute to the solution conductivity in 
the sample taken from the reactor outlet stream. 
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Figure 5-13: Conductivity and pH in the outlet stream at the start and end of an experiment for 
various electrolyte solutions; constant current density: 9.5 A m-2. 
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Figure 5-14: Conductivity and pH in outlet stream at the start and end of an experiment for 
various electrolyte solutions; constant current density: 95 Am2. 
Starting from a raw water pH of about 7, the pH increased in all experiments. 
When a current density of 9.5 A m-2 was applied, the outlet pH was ca. 7.8, 
whereas a current density of 95 A m-2 led to an outlet pH of 8.4 for all solution 
types. Since a higher current density for the evolution of hydrogen resulting in 
higher rates of OH- ions generation, a larger pH increase was observed. 
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Figure 5-15: Faradaic yield as function of time; total outlet aluminium concentration determined by 
ICP. 
Figure 5-15 shows the faradaic yield, as determined by ICP measurements of the 
total aluminium(III) concentration, in samples of the outlet stream at different 
times during the electrocoagulation. The left hand column shows results for 9.5 A 
M-2 in the three measurement solutions. When a pure sodium sulphate solution 
was used, the yield was about 1. However, the addition of humic acid led to an 
increase to values reaching from 1.2 to almost 3. It is apparent, that there is a 
considerable data scatter. Since the concentration of aluminium(III) species in the 
outlet stream was in the range of 1 to 1.8 g m-3, the adsorption of species at flow 
channel walls as well as its subsequent release by the shear forces of the fluid 
flow, is likely to have been a significant source of experimental error. Also, during 
the preparation of samples for ICP imperfect homogenisation of flocculated water 
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samples posed a source or error, when a significant amount of aluminium(III) was 
contained in the flocs and needed to be released by acidification. 
When a current density of 95 A m-2 was applied, the total aluminium(III) 
concentration in the outlet stream increased by a factor of approximately 10, 
leading to much less data scatter, as can be seen from the results presented on 
the right hand side of Figure 5-15. Again, with the sodium sulphate solution a 
yield of about 1 was achieved. The addition of humic acid led to an increase of 
the yield to ca. 1.7. This was confirmed by the experiment in a solution containing 
both humic acid and sodium chloride. In this experiment, the data scatter was 
much more pronounced, especially at the beginning, which could be attributed to 
aluminium(III) contamination still present in the flow channel from previous 
experiments. 
The dissolution of aluminium(III) in pure sodium sulphate solutions was shown to 
approach a faradaic yield of 1. However, the addition of humic acid resulted in a 
dramatic yield increase to super-faradaic values, which was also achieved with a 
solution containing both humic acid and sodium chloride. This confirms partly the 
results obtained from batch dissolution experiments presented in section 5.3, 
although super-faradaic yield were measured only for solutions containing humic 
acid concentrations of more than 10 g m-3. 
5.4.3 Electrochemical and Treatment Performances with Stainless Steel 
Cathode 
Under industrial conditions, platinised titanium is too expensive to be used as a 
counter-electrode. Therefore, experiments were carried with stainless steel 
counter-electrodes to mimic more realistic process behaviour. Cyclic 
voltammograms with an aluminium working and a stainless steel counter- 
electrode showed the same passive behaviour as for an aluminium-platinum 
system with no apparent dissolution of iron from the steel electrodes. A current 
density of 50 A m-2 was applied with a flow rate of 12 to 15 dm3 h-', which would 
result in a total aluminium(III) concentration of 5 to 7g m-3, assuming a faradaic 
yield / current efficiency of unity. Experiments were carried with rough aluminium 
electrodes with an active area of 0.049 m2 and lasted for ca. 1.5 hours. In order 
to assess the treatment performance of the process, humic acid was added to all 
solutions. Since the reactor exhibited time-dependent behaviour similar to that 
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observed previously (Figure 5-7) for the electrochemical parameters, as well as 
pH and conductivity, steady state values, averaged over the last 120 seconds of 
each experiment, are presented below. 
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Figure 5-16: Effect of NaCl concentration on steady state electrode potentials and cell voltage of 
electrocoagulation experiments in solutions of 0.5 mol m3 Na2SO4 + 10 g m-3 humic acid; current 
density: 50 Am2, arithmetic means of final 120 seconds, anode potential of repeated experiment 
indicated by open rhombus. 
Figure 5-16 shows the steady state values of the cell voltage and electrode 
potentials as function of chloride concentration in solutions of sodium sulphate 
and humic acid. It is apparent that the cell voltage decreased with increasing 
chloride concentration due to the rising conductivity of the solution and hence 
lower ohmic potential drop, which remained slightly above the calculated value 
that does not allow for electrode overpotentials. No large differences between 
measured and calculated ohmic potential values were obtained, unlike the 
previous behaviour for 95 A m-2. The anode and cathode potentials showed a 
slight decrease when chloride ions were introduced to the solution, but then 
remained at a low, steady value of ca. -0.3 and -0.8 V(SCE), respectively. While 
the cathode potential was well below the reversible potential for hydrogen 
evolution of -0.65 V(SCE) at pH 7, the anode remained above 
this threshold. 
Even if a more acidic local pH near the anode surface of 5 is assumed, the 
reversible potential would be altered to ca. -0.53 V(SCE), which is still more 
negative than the measured anode potential. Therefore, it is unlikely that 
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hydrogen was also evolved at the anode. 
For the experiments in solutions containing 50 and 100 g m-3 chloride, anode 
potential spikes were observed, when the potential initially was relatively high 
(ca. 0.1 V(SCE)), then showed a sudden decrease to ca. -0.5 V(SCE), remained 
at this level for ca. 60 seconds and rose above zero again. This behaviour is 
reflected by the large error bars in Figure 5-16 for these points. In a repeat of 
these experiments, the potentials spikes were not observed and a low and steady 
anode potential of ca. -0.3 V(SCE) was achieved. The spikes may be attributed 
to a meta-stable electrode surface state constantly changing between more and 
less passive surface properties. 
Figure 5-17 shows cell voltage and electrode potentials as function of humic acid 
concentration. Since the conductivity was not affected by an increased humic 
acid concentration, the cell voltage remained constant. Also the cathode potential 
did not change. The anode potential increased slightly from ca. -0.4 V(SCE) for 
10 g m-3 humic acid to ca. -0.2 V(SCE) for 30 g m-3, which in general confirms the 
observations made in the batch system (Figure 5-6). 
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Figure 5-17: Effect of humic acid concentration on steady state electrode potentials and cell 
voltages of A11050 during electrocoagulation experiments in solutions of 0.5 mol m-3 Na2SO4 + 
0.15 mol m-3 NaCl; stainless steel counter-electrode, current density: 50 A m-2, arithmetic means 
of data during final 120 seconds. 
As described in the previous section 5.4.2, samples were taken from the outlet 
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stream throughout each electrocoagulation experiment, acidified and the total 
aluminium(Ill) concentration determined by ICP. Once a steady state was 
achieved, the concentration remained fairly constant; time-dependent values can 
be found in appendix G. Figure 5-18 gives the faradaic yield based on the 
average total aluminium(Ill) concentration in the outlet stream at steady state for 
solutions of sodium sulphate, humic acid and sodium chloride as function of 
chloride concentration. 
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Figure 5-18: Effect of NaCl concentration on faradaic yield based on the average total 
concentration of aluminium(III) species in the outlet stream at steady state in solutions of 0.5 mol 
m3 Na2SO4 + 10 g m-3 humic acid and varying concentrations of NaCl; current density: 50 A m-2, 
flow rate: ca. 15 dm3 h-', repeated values indicated by open rhombus. Note: The data point at 
38.5 g m-3 NaCI was measured with London tap water, the chloride concentration of which was 
determined by liquid ion chromatography. 
A faradaic yield of about 0.8 was achieved up to a chloride concentration of 8.8 g 
M-3 (0.15 mol m-3). In contrast to the batch system (section 5.3), no closed 
material balance can be achieved for this continuous flow reactor, since some 
aluminium(III) species may have been adsorbed on flow channel walls and were 
not contained in the outlet stream. In addition, the solution contained dissolved 
oxygen, which was probably reduced to water at the anode leading to a slightly 
decreased current efficiency. Hence, a faradaic yield slightly below unity would 
be expected. 
However, for chloride concentrations of 38.5 to 100 g m-3, yields greater than one 
were determined, reaching a maximum of about 1.7. These results were 
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confirmed in additional experiments with the two highest chloride concentrations, 
indicated in Figure 5-18 by an open rhombus. Although the repeated values 
were lower than those originally measured, which may have been the result of a 
lower applied flow rate of 12 dm3 h-1, it is clear that a significant concentration of 
chloride ions in solution led to the development of super-faradaic yields. The 
accuracy of the electronic flow meter used to monitor the inlet flow to the reactor 
was given with 1.5 % by the manufacturer (McMillan Inc. ). Therefore, an 
influence of flow-meter inaccuracies on this result can be ruled out. Super- 
faradaic yields were not observed in the corresponding batch experiments 
(Figure 5-5). Thus, it could be concluded that it is somehow connected to the 
presence of a liquid flow regime in the reactor. 
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Figure 5-19: Effect of humic acid on faradaic yield based on the average total concentration of 
aluminium(Ill) species in the outlet stream at steady state in solutions of 0.5 mol m-3 Na2SO4 + 8.8 
g m-3 NaCl and varying concentrations of humic acid; current density: 50 A m-2, flow rate: ca. 15 
dm3 h-1, repeated values indicated by open rhombus. 
The effect of rising humic acid concentrations on the faradaic yield at a chloride 
concentration of 8.8 g m-3 (0.15 mol m"3) is presented in Figure 5-19. As already 
indicated in Figure 5-18, a yield of ca. 0.8 was achieved with a solution of 10 g m- 
3 humic acid. However, with solutions of 20 and 30 g m-3 humic acid, the yield 
increased to about 1.5. In an additional experiment, a super-faradaic yield at a 
slightly lower level of 1.3 was confirmed for 20 g m-3. The occurrence of faradaic 
yields for dissolution greater than unity, due to the presence of humic acid, had 
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been observed previously in the batch experiments (Figure 5-6). 
5.4.4 Super-Faradaic Yields in Aluminium Dissolution 
Faradaic yields greater than unity have been reported both in batch and 
continuous flow reactors, as a result of considerable concentrations of chloride 
and humic acid, respectively. Such super-faradaic yields have been reported 
repeatedly in the literature, although the effect of solution composition on the 
yield has not been reported hitherto. Jiang dissolved an aluminium electrode in 
London tap water at a constant current using a platinum counter electrode (Jiang, 
J. Q. et al. 2002); from the present work, the chloride content of London tap water 
was determined to be 38.5 g m-3. He reported yields of 1.37 to 1.15 for current 
densities of 20 to 50 A m-2. However, he did not provide the electrode potentials 
measured during the dissolution process, which would have been useful for a 
further analysis of the results. Moreover, no explanation for the occurrence of 
super-faradaic yields was given. 
Canizares published super-faradaic yields for electrochemical aluminium 
dissolution in high conductivity solutions containing 3000 g m-3 sodium sulphate 
and 2450 g m-3 sodium chloride (Canizares, P. et al. 2005). He incorrectly 
attributed this phenomenon to the anode being dissolved chemically in addition to 
the electrochemical dissolution, although his own publication reported chemical 
dissolution rates of practically zero at pH values between 4 and 8. The reason for 
the high yield in this specific work can rather be found in the use of aluminium as 
both anode and cathode material, so that both electrodes contributed to the total 
dissolved aluminium(Ill) concentration. 
As reported in section 5.4.2, typical cathode potentials of -0.6 to -0.8 V(SCE) 
were measured, which, if aluminium was used as material, would provide a 
significant overpotential for its dissolution. In addition, it is very likely that the pH 
near the cathode during the dissolution process was greater than 12, as 
discussed in section 4.5. This high pH would enable the dissolution of an 
aluminium cathode in the form of AI(OH)4- without significant passivation. 
Confirmation of this suggestion has been reported by Mouedhen (Mouedhen, G. 
et al. 2008), who determined yields of up to 1.7 at current densities of 1 to 5A m- 
2 for an aluminium anode and cathode pair in solutions containing 1000 g m-3 
sodium sulphate and up to 600 g m-3 sodium chloride. 
By also employing a 
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platinum cathode and comparing the results, he was able to identify the cathode 
material as main source of additional dissolved aluminium(III) and the 
development of super-faradaic yields. Other authors (e. g. (Khemis, M. 2005)), 
simply reported the yield values without any further investigation or explanation. 
A review about this phenomenon was published recently (Drazic, D. 2005), in 
which other author's results of corrosion studies of various metals, such as iron, 
chromium, manganese and also aluminium, were compared. Drazic discussed 
several possible explanations and eventually identified chemical dissolution as 
the main mechanism. However, the corrosion studies covered in this paper were 
carried out at acidic pH values, at which chemical dissolution is likely, but cannot 
be compared to the present case of dissolution at neutral pH. 
In this project inert cathodes of platinum, platinised titanium or stainless steel 
were used, none of which could provide an additional source of aluminium, so 
that only the anode would be able to take this role. In line with Drazic (Drazic, D. 
2005), there are in principle two potential processes that were able to produce 
aluminium in addition to the main electrochemical reaction at the anode: 
1. Chemical dissolution: 
Generally, it is possible to dissolve aluminium chemically, but only at very acidic 
or basic pH values substantial dissolution rates can be achieved (section 2.2.1, 
Figure 2.6). In order to verify this, dissolution experiments were carried out 
without applying a current, but using the same equipment and procedure as in 
section 5.3, in solutions of 0.5 mol m-3 Na2SO4 + 100 g m-3 NaCl and 0.5 mol m-3 
Na2SO4 + 30 g m-3 humic acid, respectively. After a period of two hours, a 
concentration of 0.03 and 0.1 g m-3, respectively, was measured in these 
solutions by ICP with a detection limit in the range of 0.1 to 0.01 ppb (Perkin- 
Elmer). Therefore, the concentrations measured were at the lower and upper 
detection limit. In any case, they would increase the overall aluminium(III) content 
only by a small fraction of at most 3 %, and thus are insignificant for the 
development of super-faradaic yields. 
It is also unlikely that air-formed passive species already present on the electrode 
surface before the dissolution process dissolved due to the development of a 
local acidic pH near the anode during the process, which would have happened 
independently of solution composition. However, the occurrence of super- 
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faradaic yields was clearly linked to the presence of chloride ions and humic acid. 
2. Additional electrochemical dissolution: 
The dissolution of aluminium at the cathode can be ruled out as additional source 
in this work, since the cathode material can be deemed inert. 
Secondly, it might be possible that aluminium forms species of lower oxidation 
states than three (Drazic, D. 2005). In this way, the charge number would be 
reduced and at an identical current density a larger concentration of dissolved 
aluminium would be the result. Perrault reported the possibility of aluminium 
forming hydride species, such as AIH2±, in which aluminium has an oxidation 
state of +1 (Perrault, G. G. 1979). According to the data published in his paper, 
anode potentials more negative than -1.4 V(SCE) at pH 7 and -1.17 V(SCE) at 
pH 5 would be necessary to form this molecule electrochemically from A13+. Since 
the anode potential was more positive at all times, it seems highly unlikely that 
such a reaction occurred. 
A third possibility would be the development of net currents at the anode, that are 
smaller than the actual aluminium dissolution current ('net current effect'), which 
can occur only when an additional reduction reaction takes place (chapter 4.2.1). 
Solutions of 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 38.5 to 100 g m-3 NaCl, 
for which a yield of ca. 1.5 was measured and clearly attributed to the relatively 
high content of chloride, contained no known species that could be subject to a 
reduction reaction at the measured anode potentials between -0.5 and -0.3 
V(SCE). The reversible potential for hydrogen evolution versus calomel reference 
is given by: 
EH+/HZ (SCE) /V= -0.245 - 0.059 pH - 0.0296. log PH2 [5.4] 
In order to evolve hydrogen, an anode potential more negative than EH+/H2 is 
required, with a sufficient overpotential for significant rates. According to equation 
[5.4], a local pH at the dissolution site of less than 2 would be necessary to reach 
this state assuming the potential measured at the anode surface was equal to the 
potential at the base of a dissolution pit. Literature sources reported the existence 
of pH values between 1 and 3 in corrosion pits (Frankel, G. S. 1998; Szklarska- 
Smialowska, Z. 1999). 
A second aspect that has to be considered, is the IR drop within a dissolution pit, 
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0OP; 
1. 
As described in section 2.2.6, it is possible to describe mathematically the 
electrochemical processes within and around a pit. It was not in scope of this 
work to develop a comprehensive model, but simple calculations were made to 
estimate 0OP;, . 
The result is presented in Figure 5-20, under the assumption that 
the solution in the pit has a conductivity of 0.6 S m"1, which was the value 
determined close to the anode by the FEM model (chapter 4.5), the applied 
current was 0.245 A, as in the electrocoagulation experiments, and the pit 
frequency was 1 x104 m-2 on the anode of area 4.9x10-3 m2. In addition, the pit 
was assumed to be hemispherical. 
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Figure 5-20: Estimated potential drop in hemispherical pit as function of pit radius; apit = 0.6 S m-', 
'bulk = 0.245 A, Aa = 4.9x10-3 m-2, fpit =1 x10-4. 
The estimates show a significant potential drop of ca. 0.8 V at a pit radius of 15 
pm, that increases parabolically with decreasing pit radius. The calculations also 
show that an increase of the pit frequency by one order of magnitude leads to a 
decrease in the ohmic potential drop by the same order of magnitude. 
If an electrode potential of -0.4 V(SCE) was measured at the anode, the 
correspondent potential at the bottom of a 15 pm pit with the above specifications 
would be ca. -1.2 V(SCE), significantly more negative than 
EH+, H2, taking into 
account the estimated potential drop of 0.8 V(SCE). Therefore, it would be 
possible that the ohmic potential drop within a pit was responsible for the 
development of potentials sufficiently negative to evolve hydrogen creating local 
net current density effects. 
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The super-faradaic yields reported for high humic acid concentrations may be 
attributed to reactions of the humic acid, which was shown in previous sections 
(chapter 4.4) to adsorb at the electrode surface and interfere with its 
electrochemical properties. It is well established, that carboxylic acids can 
increase the rate of hydrogen evolution by providing free H+ ions through 
deprotonation, that are subsequently reduced to H2, as shown by Sidorin for 
acetic acid (Sidorin, D. et al. 2005). Unfortunately, the exact structure of the 
humic acid molecule has not been established yet, so that it is difficult to 
speculate about the nature of these reactions. 
Although some suggestions have been made above, at present the exact cause 
of the development of super-faradaic yields remains unclear in this work. The 
information gained describes this phenomenon as apparently dependent on the 
solution composition and, in case of chloride ions, the presence of a flow regime, 
but does not provide sufficient evidence to determine a sound explanation. 
Further research, outlined in chapter 6, is required to investigate this 
phenomenon. 
5.4.5 Treatment Performance 
As discussed previously, the injection of aluminium(Ill) species during the 
electrocoagulation process causes the colloidal humic acid contaminants in the 
raw water stream to flocculate. In the bench-scale flow circuit, the outlet stream 
flows into a large beaker, from which the supernatant is discarded continuously. 
Figure 5-21 shows beakers containing a typical humic acid solution before (left 
hand side) and after (right hand side) the electrocoagulation process. Successful 
coagulation was achieved with the previously colloidal contaminants of brown 
colour forming a sludge blanket at the bottom of the beaker. The supernatant 
above this blanket is clear. 
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Figure 5-21: Humic acid solution before (left) and after (right) treatment with electrocoagulation; 
solution: 0.5 mol m-3 Na2SO4 +8 .8gm3 
NaCl + 20 g m-3 humic acid, current density: 50 A m-2, 
flow rate: 15.4 dm-3 h-', average aluminium(III) concentration in outlet: 8.0 g m-3 
Table 5-1 lists the values of total organic carbon (TOC) and light absorption at a 
wavelength of 254 nm (UV254) of the raw water used in these experiments. For 
comparison, samples of the two raw water supplies at Chellow Heights 
Treatment Works, Yorkshire, taken on 27th July 2007 showed TOC values of 6.9 
and 9.6 g m-3 and a UV absorption of 29.4 and 48.4 m-1, respectively. 
concentration CI 
Ig m-3 
concentration humic 
acid /g m-3 
total organic carbon 
TOC Ig m-3 
colour UV254 
/M-' 
0.0 10 2.67 22.79 
1.0 10 2.26 24.72 
8.8 10 2.56 21.35 
50.0 10 2.59 21.00 
100.0 10 2.61 21.83 
8.8 20 5.64 43.11 
8.8 30 8.29 61.55 
Table 5-1: Raw water characteristics in electrocoagulation experiments 
After each electrocoagulation experiment samples of the supernatant were taken 
and analysed for TOC and UV254. The aluminium(III) content of the supernatant 
was typically at ca. 0.25 g m-3, as measured by ICP. Both TOC and UV254 were 
set in relation to their respective raw water values to obtain a percentage 
removal: 
TOC,, 
«ne,  removal TOC = . 100% [5.5] TOC,. 
a 
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U'25d; 
supern 
removal UV 254 = UV 
100% [5.6] 
The removal values for TOC and UV254 are displayed in Figure 5-22 as function 
of chloride concentration in the raw water. As described above, the aluminium(III) 
concentration in the water stream increased dramatically from 4.0 to 8.6 g m-3 
with rising levels of chloride (Figure 5-18). 
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Figure 5-22: Removal of TOC and UV254 in solutions of 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid 
and varying concentrations of NaCl; current density: 50 Am2, flow rate: ca. 15 dm-3 h-1, average 
aluminium(III) concentration in the outlet: 4.0 - 8.6 gm3 dependent on chloride content. 
In all cases an efficient removal of both UV254 and TOC was achieved. It 
increased slightly from 83.6 % for TOC and 85.7 % for UV254 in a solution not 
containing chloride to 89.0 % and 94.8 %, respectively, in a solution of 100 g m-3 
NaCl. This increase was probably caused by the higher aluminium(III) dosage in 
solutions with high chloride contents. 
Likewise, the treatment of solutions with increasing humic acid concentrations 
was achieved successfully. As shown in Figure 5 -23, TOC removal increased 
from 85.7 % for 10 g m-3 humic acid to 97.3 % for 30 g m-3, which can be 
attributed to the rising aluminium(Ill) concentration (Figure 5-19). The removal of 
colour (UV254) remained at a similarly high level of about 97 % throughout these 
experiments. 
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Figure 5-23: Removal of TOC and UV254 in solutions of 0.5 mol m-3 Na2SO4 + 8.8 g m-3 NaCl and 
varying concentrations of humic acid; current density: 50 Am2, flow rate: ca. 15 dm-3 h-1, average 
aluminium(III) concentration in the outlet: 4.4 - 8.1 gm3 dependent on humic acid content. 
Hence, solutions containing a range of humic acid and chloride concentrations 
were treated successfully in a bench-scale electrocoagulation reactor achieving 
high removal rates. The concentration of aluminium(Ill) in the supernatant was 
about 0.2 g m-3. Due to its low solubility in neutral solution, the major part of 
aluminium(Ill) was thus contained in the sludge. 
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5.5. Continuous Electrocoagulation Pilot Plant 
A continuous flow pilot plant was set up at a Yorkshire Water treatment site, 
where the electrocoaqulation technique could be tested under industrial 
conditions using a side-stream of the site's raw water inlet. A detailed description 
of the plant lay-out is presented in chapter 3.5. The electrocoagulation reactor 
consisted of a single pair of electrodes with aluminium as anode and stainless 
steel as cathode material. The electrode area was 0.09 m2 and the inter- 
electrode gap ca. 4.5 mm. The volumetric flow rate of the water stream was 
adjusted at ca. 1 m3 h-1 (Re = 1824), but due to varying amounts of biomass 
trapped within the flow circuit and increasing the pressure drop this could 
fluctuate between 0.5 and 1.5 m3 h-' (Re = 912 - 2737). Samples were taken 
from the outlet stream to determine the aluminium(Ill) content by ICP. The result 
of a comprehensive analysis of the raw water supply is shown in Table 5-2 and 
Table 5-3. 
alkalinity / chloride / aluminium(lll) / true colour / pH turbidity / conductivity / 
g m-3(HCO3-) g m-3 g m-3 Hazen Units NTU S m-' 
141.9 10.7 0.068 44.1 8.0 15.2 0.0235 
Table 5-2: Characteristics of Chelker raw water source at Chellow Heights Water Treatment 
Works; sample from 29/07/2008 
element or ion Fe Ca Al Na F CI- N02- P043- S042- 
concentration / 
3 0.082 41.0 0.034 5.98 0.35 8.64 7.88 1.63 14.18 gM 
Table 5-3: Concentration of main elements and ions in Chelker raw water source at Chellow 
Heights Water Treatment Works; sample from 27/07/2007, measured by ICP (elements 
highlighted in blue) and ion chromatography (grey) 
The plant was operated with wash cycles, whose frequency was adjustable 
between 5 min and 1 hour. During a wash cycle the supply of electrical energy to 
the reactor seized and the inlet pump was set at its maximum flow rate for 
several minutes. These cycles had been introduced by the plant manufacturer to 
diminish the effect of electrode passivation by the impact of turbulent fluid flow on 
the electrode surface. In addition, they removed a significant amount of biomass 
from the flow circuit, so that the flow rate was usually higher directly after a wash 
cycle and dropped steadily until the next cycle started. 
In the beginning, the plant was operated without a pre-treatment of the aluminium 
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anodes. Figure 5-24 and Figure 5-25 show the cell voltage and aluminium(Ill) 
concentration in the outlet concentration, respectively, including the faradaic yield 
of the process at an applied current density of 67 A m-2. 
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Figure 5-24: Cell voltage as function of time; Figure 5-25: Aluminium(lll) concentration in outlet 
no electrode pre-treatment, current density: stream and faradaic yield as function of time; no 
67 Am2, theoretical IR drop: 10.0 V electrode pre-treatment, current density: 67 A m-2 
Due to electrode passivation the cell voltage rose continuously to almost 400 V 
within about 5 hours operation time, which is far above the theoretical IR drop of 
10 V caused by the solution resistance. The fluctuation in cell voltage was the 
result of the wash cycles; directly after the cycle the voltage was relatively low, 
but increased drastically during operation. It appeared that the wash process 
removed some of the passive layer on the anode. However, the passive layer 
quickly reformed and continued to thicken. As a result of passivation, the faradaic 
yield was usually below 0.5 yielding an aluminium(Ill) concentration in the outlet 
stream less than 1g m-3, which was not sufficient to initiate flocculation, so that 
the treatment of the water was not successful. 
200 
175 
150 
120 
150 
E 
125 90 
N 
ö 100 ro 
75 
60 
50 
30 
ZÖ 
i 
0 50 100 150 200 250 
time / min. 
cell voltage " current density 
ýý, 
Figure 5-26: Cell voltage and current density as 
function of time; electrode pre-treatment with 
P120 paper; theoretical IR drop: 8.3 V at 55 A 
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Figure 5-27: Aluminium(III) concentration in 
outlet stream and faradaic yield as function of 
time; electrode pre-treatment with P120 paper. 
When the anode was ground with P120 SiC paper, the cell voltage remained 
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stable at about 60 V over a period of ca. 3 hours at an applied current density of 
55 A m-2, which is much higher than the calculated IR drop of 8.3 V. However, 
the subsequent current increase to 110 A m-2 resulted again in the constant rise 
of cell voltage due to electrode passivation (Figure 5-26), so that a voltage of 140 
V was required after ca. 4 hours of total operation time. The outlet aluminium(III) 
concentration was below 2g m-3 with a yield of usually 0.3 (Figure 5-27) and no 
flocculation was achieved. 
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Figure 5-28: Cell voltage and current density as Figure 5-29: Aluminium concentration in outlet 
function of time; electrode pre-treatment with stream and faradaic yield as function of time; 
P80 paper, theoretical IR drop: 8.3 V at 55 Am2 electrode pre-treatment with P80 paper. 
and 16.7 Vat 110Am1 
A pre-treatment with SiC paper of rougher grade P80 resulted in a stable cell 
voltage at both 55 and 110 A m-2, as shown in Figure 5-28. However, the voltage 
reached 55 and 110 V, respectively, which was still much higher than the 
calculated IR drop. The amount of aluminium(III) reaching the bulk was very 
small; faradaic yields of less than 0.2 were achieved. Therefore, also this 
experiment did not result in successful water treatment due to the low 
aluminium(III) concentration. 
In contrast to the previous experience in batch and continuous bench-scale 
reactors, no spontaneous depassivation of the anode was observed in these 
experiments. Although the anode was pre-treated to provide a rougher surface, it 
resulted only in a stabilisation of the cell voltage at a high level, while passivation 
effectively prevented a significant amount of aluminium(III) from reaching the bulk 
solution. 
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An image of the anode after this 
experiment (Figure 5-30) shows a 
thick grey layer of surface deposit, 
which appeared to be firmly attached 
to the base material. It features some 
inclusions of green biomass at the 
plate bottom, where the raw water 
inflow of the reactor was situated. 
Larger pieces of biomass, that were 
Figure 5-30: Anode after use in only very loosely attached, were found electrocoagulation reactor (see Figure 5-26 and 
Figure 5-27) in the centre and at the top of the 
plate. 
It is apparent that this deposit is the passivation product formed continuously 
during the process. Very low concentrations of aluminium(III) reached the bulk 
solution preventing the successful treatment of the water, as a large fraction of 
the electrochemically produced aluminium(III), which can be quantified as 70 - 80 
% judging from the faradaic yields, was bound in this passive layer. 
After the experiment the plate was left to dry over night, so that the deposit could 
be removed with a sharp stainless steel scraper and transferred to a sample 
bottle to be analysed by X-ray fluorescence spectroscopy (XRF). The analysis 
result is shown in Table 5-4. 
element Ca Al Mg K Na Mn Fe 
content / wt% 25.85 7.90 10.29 0.38 0.32 4.46 0.23 
Table 5-4: Composition of anode deposit measured by XRF; the elements H, C and 0 cannot be 
detected by this method. 
The deposit contained a very high concentration of calcium (26 wt%), followed by 
magnesium with 10 wt% and aluminium with ca. 8 wt%. Also manganese was 
present at a concentration of ca. 4.5 wt%. Potassium, sodium and iron were 
found in traces. The high calcium content is a result of its high concentration in 
the raw water (Table 5-3). Figure 5-31 shows a potential-pH diagram of the 
aluminium-water system including calcium(II)-aluminium(III) species. Judging 
from its thermodynamic information and from the high ratio of Ca": Al'" in the 
deposit, it seems possible that aluminium(Ill) reacted with calcium(II) 
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homogeneously to form 3CaO. AI2O3, although this would only take place at a 
very low dissolved aluminium(Ill) concentration of less than 1 x10- 4 mol m-3 and at 
alkaline pH of greater than 9. 
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Figure 5-31: Potential-pH diagram of the aluminium-water system including calcium species; 
[AI(X)] = 1x10-5 mol m-3, [Ca(X)] = 40 mol m-3, T= 298 K 
In addition, the buffering capacity of carbonate substances in the raw water 
("alkalinity") might have had a negative impact on the solution characteristics 
near the anode. As shown in chapter 4.5, a slightly acidic pH needs to be able to 
develop near the anode surface to drive the local dissolution of passive species 
and cause spontaneous depassivation. Otherwise, a dense passive layer of 
A1203/AI(OH)3 will form on the electrode. However, carbonate naturally present in 
the water may act as a pH buffer and prevent the development of pH values low 
enough to dissolve the passive layer. 
According to Stumm (Stumm, W. et al. 1996) the buffering capacity ß is defined 
as: 
_ 
dc, 3 __ 
dc,, 
, 
dpH dpH 
[5.7] 
where CB is the concentration of base and CAS the concentration of acid, that is 
necessary to change the pH. 
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In natural waters containing dissolved carbonate and assuming a closed system 
the buffering capacity can be calculated by: 
6 =2.3. ([H']+[OH-]+c7-(a, (ao+a, )+4a, a)o) [5.8] 
Where [H+] and [OH-] are the concentrations of H+ and OH-, CT is the total 
concentration of carbonate species ("alkalinity") and ao, a,, a2 are ionisation 
constants derived from the equilibrium constants of dissolved carbonate (Stumm, 
W. et al. 1996). Figure 5-32 shows the buffer intensity as function of pH based on 
an alkalinity value of 140 g m-3 HC03-. A more detailed description of the 
underlying equations is contained in appendix I. 
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Figure 5-32: Buffer intensity as function of pH; alkalinity = 140 g m-3, CT= 24 mol m-3, T= 15 °C. 
Since equation [5.8] is a function of pH, an analytical solution of equation [5.7] 
would be required to obtain the pH change near the electrode as result of 
aluminium precipitation. A simpler solution takes into account the concentration 
of Ca(OH)2 that arises from the pH and concentration of HC03- ('alkalinity') of the 
raw water. An alkalinity of 143 g m-3 at pH =8 was measured for the raw water 
during pilot plant operation, which corresponds to cca(oH)2 = 1.17 mol m-3. 
Assuming the dissolution of 5g m-3 A13+ (= 0.185 mol m-3) and its subsequent 
complete precipitation to AI(OH)3 by: 
Al" + 3H2O > Al(OH)3+ 3H+ [5.9] 
then 3 moles of H+ are injected per mole of A13+, which results in a concentration 
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of CH+ = ACA = 0.55 mol m-3. Since 2 moles of H+ are required to neutralise 1 mole 
of Ca(OH)2, the concentration of neutralised Ca(OH)2 is 0.275 mol m-3, so that 
the total Ca(OH)2 concentration is reduced to 0.895 mol m-3. This corresponds to 
a pH of 6.3 according to the equilibrium conditions (Stumm, W. et al. 1996), 
which is in the passive region of aluminium (Figure 5-31). Hence, it is possible 
that the natural buffering capacity of the raw water can inhibit spontaneous 
depassivation. However, this is dependent on the amount aluminium(Ill) 
dissolved at the start of the process. 
In order to verify current-potential behaviour at the pilot plant, a sample of the raw 
water supply was taken and used for a constant current experiment in the 
equipment used previously for the characterisation experiments (chapter 4.3). 
Constant current densities in the range of 2.7 to 100 A m-2 were applied to the 
small aluminium plate electrode `technl' and the electrode potential monitored 
(Figure 5-33). It can be seen that initially, when the lowest current density was 
applied, spontaneous depassivation behaviour was observed. When the current 
density was stepped up, the electrode potential rose from -0.2 to 2.3 V(SCE) at 
25 A m-2 and to approximately 4.5 V(SCE) at 100 A M-2. Over the time range 
studied, the potential remained more or less constant. The very high potentials 
observed at the pilot plant could not be verified. However, it must be noted, that 
the pilot plant was operated in continuous flow, whereas the measurements 
reported in Figure 5-33 were made in a batch system. 
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Figure 5-33: Electrode potential as function of time at various current densities for aluminium 
plate electrode `technl' in Chelker raw water. 
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5.6. Chapter Summary 
In order to be able to distinguish partial currents during the electrochemical 
dissolution of aluminium, experiments with a rotating ring-disc electrode were 
carried out. Unfortunately, the accumulation of hydrogen bubbles at the electrode 
surface prevented the measurement of reliable data. 
In addition, batch dissolution experiments were used to determine the current 
efficiency of the dissolution under constant current conditions. It was found that 
usually a current efficiency of unity was achieved yielding aluminium(III) 
concentrations as predicted by Faraday's law. However, when humic acid was 
present at concentrations greater than 20 g m-3, super-faradaic yields of 1.5 were 
derived. The addition of humic acid to the measurement solution also led to an 
increase of working electrode potential due to the adsorption of these molecules 
on the electrode surface. 
The electrocoagulation process was investigated using a bench-scale parallel 
plate continuous flow reactor and applying current densities between 9.5 and 95 
A m-2. During the process an increase in outlet pH was detected, which was the 
result of hydrogen evolution taking place at the cathode simultaneously 
producing OH- ions. The solution conductivity remained constant throughout the 
process, since most of the dissolved aluminium(Ill) species precipitated rapidly. 
An unexpectedly high cell voltage was observed when the process was carried 
out in solutions not containing chloride. This was linked to the low density of 
corrosion sites ('pits') on the anode resulting in high local current densities and 
an increased ohmic potential drop within the pits. It was noted that the pits were 
relatively shallow and wide; a higher applied current density led to an increase in 
pit diameter rather than pit depth. The presence of chloride ions caused a 
dramatically increased pit density, leading to a homogeneously corroded anode 
surface without single dissolution sites. 
Usually a faradaic yield of ca. 0.8 was observed; however, the addition of 
chloride in concentrations greater than 38 g m-3 and humic acid in concentrations 
greater than 20 g m-3 resulted in super-faradaic yields of 1.2 to 1.7. The process 
exhibited a very good treatment performance, removing up to 97 % of 
TOC and 
UV254 at a current density of 50 A m-2 and a flow rate of ca. 15 dm3 h -1. 
A continuous flow parallel plate pilot plant was tested under industrial conditions 
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at a Yorkshire Water treatment site. It was found that a lack of electrode pre- 
treatment resulted in surface passivation, which caused a rapidly increasing cell 
voltage. The grinding of the anode surface with P80 grit SiC paper improved the 
situation, so that the cell voltage remained stable over a period of several hours, 
but at a rather high voltage of 110 V for a current density of 110 A m-2. However, 
electrode passivation prevented the passage of a sufficient amount of dissolved 
aluminium(III) into the bulk solution, so that no flocculation and no successful 
water treatment were achieved. During the process a thick grey deposit formed 
on the anode that was shown to feature a very high calcium content of 26 wt%, 
whereas the aluminium(III) content was specified at about 8 wt%. From this result 
and thermodynamic predictions it seems probable that 3CaO. Al203 was formed 
in the passive layer. In addition, the natural buffering capacity of the raw water, 
inhibiting the development of a local acidic pH near the anode surface, was 
identified as a possible reason for the passivation occurring despite electrode 
pre-treatment. 
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6. Conclusions 
Aluminium is well known for fast reactions with water growing a passive 
oxide/hydroxide layer on its surface, which, due to its very low conductivity, 
inhibits the passage of current. The literature reports significant currents only at 
sites of imperfection in the passive layer. Therefore, under potential control an 
aluminium electrode exhibited only very small anodic dissolution currents, whose 
magnitudes were practically independent of overpotential, but could be increased 
slightly by providing a rougher surface finish, that is likely to result in a higher 
number of imperfections. The addition of chloride ions to an otherwise inert 
electrolyte solution resulted in the occurrence of large pitting currents at 
potentials more positive than Ep; t = -0.52 V(SCE). This effect was attenuated, if 
humic acid was also present in solution at concentrations typical for natural 
waters, but significant pitting currents were still observed. Impedance 
measurements revealed, that a more positive electrode potential, and therefore a 
higher overpotential for aluminium oxide formation, led to a thicker passive layer 
on the electrode surface. It was also shown, that the key solution components 
sodium chloride and humic acid caused a decrease in electrode impedance, 
which can be attributed to an interaction of these molecules with the surface. 
The electrode behaviour in galvanostatic operation is dependent on surface 
topography and solution composition. In an inert electrolyte solution a relatively 
smooth electrode of technical grade (99.5 % purity) with a `mirror finish' exhibited 
passive behaviour showing constantly increasing electrode potential amid a 
growing passive layer, whose thickness increase was evidenced by impedance 
spectroscopy. This behaviour is undesirable, since it results in extremely high cell 
voltages increasing the electrical energy demand and posing a safety risk. 
However, if the electrode surface was roughened, an initial passivation stage was 
followed by a remarkable spontaneous potential decrease levelling out at a 
relatively low and steady value ('spontaneous depassivation'), which was shown 
to remain constant for at least 24 hours. The same phenomenon was observed 
for smooth high purity electrodes. Impedance spectroscopic measurements 
showed a substantial decrease of the passive layer thickness as result of 
spontaneous depassivation. 
In solutions containing chloride ions and humic acid spontaneous 
depassivation 
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occurred for both electrode materials of any roughness. In general, it was found 
that high purity electrodes in inert electrolytes attained more negative steady 
state potentials than technical grade material. However, when chloride ions were 
present, technical grade electrodes showed were more negative steady state 
potentials proving them more susceptible to pitting corrosion. In general, an 
increase in surface roughness led to a decrease in steady state potential. Storing 
the electrodes in electrolyte solution for 72 hours led to the growth of a very thick 
passive layer, so that rough technical grade electrodes in inert electrolyte seized 
to exhibit spontaneous depassivation. The presence of significant chloride 
concentrations increased the number of dissolution pits per unit area remarkably, 
so that a homogeneous dissolution of the entire electrode area was achieved. 
On the basis of these results, the following suggestions were developed aiming 
at a cost-effective electrocoagulation process with low energy demand: 
- In solutions not containing chloride, high purity electrodes should be 
preferred, since they exhibit spontaneous depassivation even for smooth 
electrode surfaces and show more negative steady state potentials. 
- The presence of chloride ions in the electrolyte solution enhances electrode 
dissolution and is therefore beneficial. 
- Prior to the start of an electrocoagulation process, the aluminium electrodes 
should be subject to a mechanical surface pre-treatment providing a rough 
surface finish. 
- After pre-treatment the electrodes need to 
be placed into the reactor as 
soon as possible with no unnecessary delay in process start-up to prevent 
significant surface re-passivation. 
- Aluminium electrodes should be stored 
in a dry environment and not left in 
electrolyte solution without the application of current. 
The occurrence of spontaneous depassivation was explained with the 
development of an acidic pH close to the dissolving electrode due to the fast 
formation of aluminium hydroxide releasing H. This local pH decrease 
is likely to 
result in partial dissolution of the passive layer leading to the 
development of 
stable active dissolution pits. 
The electrochemical and treatment performance of an electrocoagulation process 
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was assessed by bench-scale experiments using a parallel plate continuous flow 
reactor. It provided successful treatment of solutions containing humic acid as 
main contaminant showing removal rates for TOC and UV254 of up to 97 % at a 
constant current density of 50 A m-2. Aluminium dissolution yields were unity in 
most cases, but in both continuous and batch mode they increased to super- 
faradaic values of ca. 1.5 for solutions with humic acid concentrations greater 
than 20 g m-3. In the continuous reactor super-faradaic yields were also observed 
for solutions with more than 38 g m-3 NaCl. 
At present, the reason for the occurrence of super-faradaic yields remains 
unclear. It has been suggested, that local hydrogen evolution, facilitated by a 
significant IR drop within dissolution pits resulting in a local potential decrease, 
may create net current effects, where the partial aluminium dissolution current is 
greater than the applied net current. 
Experiments on an electrocoagulation pilot plant using the raw water supply of a 
Yorkshire Water treatment site showed the effect of a lack of electrode pre- 
treatment exhibiting extremely high cell voltages of almost 400 V, that developed 
during several hours of operation due to passivation. The preparation of 
aluminium anodes by mechanical grinding led to a steady, but still relatively high 
cell voltage. As a result of passivation, the concentration of aluminium species 
reaching the bulk water stream was too low to induce flocculation, so that no 
successful water treatment could be achieved. It was suggested, that both the 
high concentration of calcium in the raw water and its buffering capacity may 
contribute to electrode passivation. 
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7. Future Work Proposal 
7. Future Work Proposal 
There are observations in this work, that could not be explained to entire 
satisfaction. A qualitative model for the causes of spontaneous depassivation of 
aluminium electrodes in inert electrolyte has been proposed in this work, which 
would require the support of suitable experimental data. In addition, possible 
reasons for the development of super-faradaic yields have been discussed, that 
were observed to be a function of specific solution composition and flow regime, 
but the real cause of this phenomenon remains largely unclear. Therefore, the 
following tasks may be addressed in future research: 
- Detect possible dissolution sites on aluminium by SECM and monitor their 
change in topography in-situ during a dissolution process in an attempt to 
confirm the qualitative model for spontaneous depassivation proposed in 
this work. 
- Create and solve a mathematical model of the local distribution of pH 
within and around a dissolution site and electrochemical properties, such 
as current density and electrode potential. This would provide additional 
information for the explanation of spontaneous depassivation. 
- Use a microprobe, for example SECM, to detect in-situ the evolution of 
hydrogen in dissolution pits, in order to investigate a possible cause for the 
development of super-faradaic yields. 
- Elucidate the electrochemical behaviour of humic acid molecules and 
its 
interaction with aluminium electrodes to explain their role in the 
development of super-faradaic yields. 
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8. Appendix 
Appendix A 
Thermodynamic calculations of the formation of aluminium sulphate and 
aluminium chloride species. 
species phase AG°, /J moll 
AI3+ aq -485000 
H2O - -237178 
AI2(SO4)3,6H20 c -4622400 
AI2(SO4)3 c -3100100 
S042- aq -744630 
AIC13 aq -878000 
Cl- aq -131056.3 
Table 8-1: Gibbs free energy of formation (Bard, A. J. et al. 1985) 
The following equations have been used for these calculations considering the 
model reaction vAA+ vBB -> vcC : 
OG f, 
totni = vcOG 
fc - (vAAG f, A + vBAG 
f, 
c) 
[7.1 ] 
log K= -AGf , totür [7.2] 
R-T-ln10 
[CI UC 
K= 
[AlLvA 
J[B]UB [7.3] 
The typical concentration of dissolved aluminium in the natural raw water 
considered for this work is ca. 0.05 g m-3 (1.85x10-3 mol m-3). Sulphate 
concentrations of 0.5 mol m-3 were used in all experiments. 
1) A13+ + 30- > A103 
AG°t, total /J mol"1 
log K 
Iog[CI-] / IoV(101 
mol m- ) 
168.9 
-0.030 
2.01 (at [A13+] =1 x10-3 mol m-3) 
0.343 (at [AI3+] = 100 mol m-3) 
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At the typical aluminium concentration of natural raw water a chloride 
concentration of ca. 1 x105 mol m-3 would be necessary to form AICl3. 
2) 2A13+ +3SO4- +6H, 0>A12(SO4)3 -6H. 1O 
AG°/J mol"' 
log K 
Iog[SO42-] / Iog(103 
moi m-3) 
4558 
-0.80 
4.27 (at [AI3+] =1 x10-3 mol m-3) 
L--L: -- -1 f%--4 r%/ --I- .. . ý,. ____... a_ t_. _ý t'. JUI I IdLC L L)MI RudUU1 UI ZYA IU IIIUI III WUUIU L)C I Ie(: e55dry LU MIT] 
AI(SO4)3. H20 at the typical aluminium concentration. 
3) Al3+ +SOO- +H1O-ýAIOHSO4 +H 
AGa /J mol-' n/a 
log K -1.90 
pH 
11.2 (at [A13+] = 1x10-3 mo3m-3 and [SO42-] _ 
0.5molm ) 
AIOHSO4 would form at a pH of 11.2 and above, if typical aluminium and 
sulphate concentrations are present. 
4) 2Al3+ + 3SO4 AZ2 (SO4)3 
AG"/J mol-' 
log K 
iog[SO42-] / Iog(103 
mol m-3) 
-1110 
0.19 
3.94 (at [AI3+] =1 x10-3 mol m-3) 
_ _ý A12(SO4)3 would form at a sulphate concentration of ca. 8.7x1 O mol m" at a 
typical aluminium concentration. 
Reference: 
Bard, A. J., R. Parsons, et al. (1985): "Standard potentials in aqueous solutions", 
Marcel Dekker, New York. 
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Appendix B 
Electrode potential as function of time; stationary electrodes, constant current 
1 x10-4 A for 24 hours. 
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Figure 8-1: Electrode purel in 0.5 mol m-3 Na2SO4 
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Figure 8-2: Electrode technl in 0.5 mol m-3 Na2SO4 
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Figure 8-3: Electrode pure3 in 0.5 mol m-3 Na2SO4 
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Figure 8-4: Electrode purel in 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + log m-3 humic acid 
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Figure 8-5: Electrode pure3 in 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + log m-3 humic acid 
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Figure 8-6: Electrode techn1 in 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid 
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Figure 8-7: Electrode techn3 in 0.5 mol m-3 Na2SO4 + 0.15 mol m-3 NaCl + 10 g m-3 humic acid 
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Appendix C 
Deviation from theoretical impedance response for Z' and Z" as function of 
angular frequency; results of Kramers-Kronig tests carried out with Autolab FRA 
4.7. 
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Figure 8-8: Electrode potential: -1.0 V(SCE); 0.5 mol m-3 Na2SO4 
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Figure 8-9: Electrode potential: -0.6 V(SCE); 0.5 mol m-3 Na2SO4 
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Figure 8-11: Electrode potential: -1.0 V(SCE); 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid 
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Figure 8-12: Electrode potential: -0.6 V(SCE); 0.5 mol m-3 Na2SO4 + 10 9 m-3 
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Figure 8-13: Electrode potential: -0.2 V(SCE); 0.5 mol m-3 Na2SO4 + log m-3 humic acid 
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Figure 8-14: Electrode potential: -1.0 V(SCE); 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 
mol m-3 NaCl 
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Figure 8-15: Electrode potential: -0.4 V(SCE); 0.5 mol m-3 
Na2SO4 + 10 g m-3 humic acid + 0.15 
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Appendix D 
Fitting results and error as determined with software Autolab FRA 4.7. 
solution sulphate sul hate + humic acid sulphate + humic acid + chloride 
electrode potential/ V(SCE) -1.0 -0.6 -0.2 -1.0 -0.6 -0.2 -1.0 -06 -0.4 R. /ohm 1.17E+03 1.75E+03 2.78E+03 2.63E+03 2.75E+03 2.44E+03 2.39E+03 2.15E+03 
R2 /0hm 2.34E+03 2.62E+03 2.30E+03 7.67E+02 1.60E+03 1.57E+03 1.60E+03 2.09E+03 
R3 /ohm 3.25E+04 7.49E+04 1.16E+05 1.00E-06 5.80E+04 9.92E+04 5.27E+04 6.28E+04 
CPE yo /ohms" 3.31E-06 1.53E-06 1.02E-06 3.86E-06 1.18E-04 1.39E-04 4.34E-04 1.22E-04 I 
n 0.956 0.966 0.970 0.854 0.978 0.920 0.842 0 973 
CPE yo /ohms" 1.10E-05 2.39E-06 2.17E-06 2.91 E-05 4.03E-04 1.83E-04 2.67E-03 n1a 
. 
4.70E-06 2 
n 0.428 0.571 0.662 0.170 0.591 0.645 0.200 0.570 
Wmax for CPE, / Hz 1.39 1.00 0.52 0.72 1.00 0.72 2.68 1.00 
fitting z 
1.69E-03 2.63E-03 5.60E-03 3.66E-03 4.39E-03 6.13E-03 1.53E-03 8.99E-03 
error ýy > 7.56E-04 1.30E-03 2.58E-03 1.86E-03 2.26E-03 2.81 E-03 7.04E-03 4.14E-03 
1 ')" 9.33E-04 1.33E-03 3.03E-03 1.81E-03 2.13E-03 3.33E-03 8.25E-03 4.85E-03 
Table 8-2: Summary of parameter values fitted by the complex non-linear least squares (CNLS) 
method based on the equivalent circuit in 4.36 including the fitting error; the results for E= -0.6 V(SCE) in "sulphate + humic acid + chloride" were lost due to a computer crash. 
solution sulphate sulphate + humic acid + chloride 
electrode type pure3 techn3 pure3 techn3 
before after before after before after before after 
R. /ohm 1.36E+03 1.47E+03 2.29E+03 2.11E+03 1.16E+03 1.15E+03 5.87E+02 6.38E+02 
R2 /ohm 2.04E+04 2.36E+04 -2.74E+02 4.02E-01 2.64E+03 2.68E+03 1.84E+04 1.48E+04 
R3 /ohm 4.07E+07 4.52E+05 3.33E+06 -1.00E-09 2.48E+03 6.17E+05 1.78E+06 3.87E+06 
CPE 
Yo /ohm s" 1.40E-06 8.63E-07 1.30E-06 2.06E-07 1.87E-06 1.07E-06 2.08E-06 1.23E-06 
, 
n 0.842 0.890 0.996 1.000 0.840 0.828 0.866 0.865 
CPE 
Yo /ohm s" 6.77E-07 3.79E-07 2.55E-06 9.17E+06 1.63E-07 1.28E-07 1.77E-06 9.73E-07 
2 
n 1.000 1.000 0.811 0.580 0.810 0.822 1.000 1.000 
XZ 1.14E-03 5.20E-03 1.23E-03 9.16E-04 5.43E-03 6.40E-05 1.29E-03 6.28E-04 
fitting error 0' 5.71 E-04 2.80E-03 6.15E-04 4.87E-04 3.28E-04 2.65E-05 6.60E-04 3.73E-04 
(2)" 5.66E-04 2.40E-03 6.20E-04 4.29E-04 2.15E-04 3.75E-05 6.33E-04 2.55E-04 
Table 8-3: Summary of parameter values before and after the dissolution process fitted by the 
complex non-linear least squares (CNLS) method based on the equivalent circuit in 4.36 including 
the fitting error. 
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Appendix E 
Nyquist plots of impedance measurements before and after a dissolution process 
at high frequencies of 1 x10-4 to ca. 3 Hz. 
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Figure 8-16: Impedance spectra of electrode pure3 in 0.5 mol m-3 Na2SO4 before and after the 
dissolution process; electrode potential: -0.55 V(SCE), frequency range: WO -4 - ca. 3 Hz. 
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Figure 8-17: Impedance spectra of electrode pure3 in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid + 0.15 mol m-3 NaCl before and after the dissolution process; electrode potential: -0.55 V(SCE), frequency range: 1x10-4 - ca. 3 Hz. 
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Figure 8-18: Impedance spectra of electrode techn3 in 0.5 mol m-3 Na-, SO.. before and after the 
dissolution process; electrode potential: -0.55 V(SCE), frequency range: 1 x10 
-- ca. 3 Hz. 
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Figure 8-19: Impedance spectra of electrode techn3 in 0.5 mol m-3 Na2SO4 + 10 g m-3 humic acid 
+ 0.15 mol m-3 NaCl before and after the dissolution process; electrode potential: -0.55 V(SCE), 
frequency range: 1x 10-' - ca. 3 Hz. 
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Appendix F 
Model results for an anode potential of EA = 0.5 V(SHE). 
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in mol m-3 concentration in mol m-3 
Max: 6.159 
I6 
5 
4 
13 
1 
0 0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1.8 2 "0 
x10-3 Min: -1.732e-4 
5 
F 
ö4 
E 
3 
C 
oZ 
c 
c 
0 
u 
0 
0 0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1.8 2 
reactor width /m x10-3 
Figure 8-22: Surface plot of AI3+ -concentration Figure 8-23: Section plot of 
Al3+ -concentration 
in mol m-3 in mol m-3 at a reactor height of 0.3 m 
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Figure 8-24: Surface plot of AI(OH)2+ - Figure 8-25: Section plot of Al(OH)2+ - concentration in mol m-3 concentration in mol m-3 at a reactor height of 
0.3 m 
0.34 
0.32 
7 
0.3 
6 
0.28' 
15 0.26 
4 
0.24 
3 
0.22 
0.21 
0.1810 
0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1.8 20 
X10-3 Min: -3.675e-7 
9 
M8 
E 
O 
E6 
Ö5 
Q4 
ö3 
2 
c v 
c 0 ý0 
rl 
0 0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1.8 2 
reactor width /m x10-3 
Figure 8-26: Surface plot of AI(OH)3 - Figure 8-27: 
Section plot of AI(OH)3 - 
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0.3 m 
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Figure 8-28: Surface plot of ionic conductivity in Figure 8-29: 
Section plot of ionic conductivity in 
S m-1 
S m-1 at a reactor height of 0.3 m 
228 
kl(6)=1e5 
Surface: Concentration, AIOH3 (mol/m31 
0.2 0.4 0.6 0.8 1 
8. Appendix 
kl(6)=1e5 Surface, pHtot Max: 11.864 
Ii 
f 11 
"* cs 10 
1 
0.24 8 
0.23 
0.22 7 
0.21 
0.2 
0.19 6 
0.18 - 
0 0.2 0.4 0.6 0.8 1 1.2 1.4 1.6 1,8 2 
X10 
3 Min: 5.083 
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Figure 8-31: Section plot of pH at a reactor 
height of 0.3 m 
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Figure 8-32: Surface plot of relative potential in Figure 8-33: Section plot of relative potential in 
V(SHE) V(SHE) at a reactor height of 0.3 m 
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Appendix G 
Faradaic yield determined from total aluminium concentration in outlet stream as 
function of process time; bench-scale electrocoagulation, constant current 
density: 50 A m-2. 
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Figure 8-36: Faradaic yields as function of process time for solutions of 0.5 mol m-3 Na2SO4 + 
10 
gm3 humic acid containing various concentrations of NaCl 
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Appendix H 
Estimation of IR drop within a dissolution pit. 
The IR drop Dq)pit is defined as: 
_ 
Jpit ' 
lpit 
Aopit 
6pit 
[7.4] 
With 'pit = pit depth, ßpit = conductivity inside the pit. The dissolution current 
density jpit is given by: 
I 
bulk 
pit _f2 pit pit 
[7.5] 
With 'bulk = overall current in the reactor, fpit = number of pit sites and rp; t = pit 
radius. The pit was assumed to be hemispherical, so that 'pit = rp; t. The radius of 
defects in the passive layer, which are regarded as potential dissolution sites, 
was estimated by Serebrennikova to be in the range of 3 to 50 pm 
(Serebrennikova, I. et al. 2002). 
A current 'bulk of 0.245 A (= 50 A m-2) was applied to the system in the bench- 
scale electrocoagulation experiments. The number of pit sites was counted on a 
small area of an aluminium anode after dissolution in 0.5 mol m-3 Na2SO4 and 
extrapolated to the total area. Hence, it was estimated that an anode dissolved in 
0.5 mol m-3 Na2SO4 had ca. 1 x103 pit sites. When chloride was present in 
solution, the pit number increased, so that no single sites could be distinguished. 
Therefore, it was assumed that the number of sites increased by at least 1 order 
of magnitude. 
The conductivity in the pit was assumed to be 0.6 S m"1, as it was 
determined by 
model calculations for an anode potential of 0.5 V(SHE) 
(appendix F) directly at 
the anode surface. 
Reference: 
Serebrennikova, I., S. Lee, et al. (2002): "Visualization and characterization 
of 
electroactive defects in the native oxide 
film on aluminium Faraday discussions 
121: 199-210. 
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8. Appendix 
Appendix I 
Calculation of buffer intensity of carbonate species based on measured alkalinity 
according to Stumm (Stumm, W. et al. 1996). 
The buffer intensity ß is defined as: 
dcß 
_ 
dcAc 
dpH dpH 
[7.6] 
where CB is the concentration of base and cAc the concentration of acid, that is 
necessary to change the pH. 
Species considered: 
CO2 (aq), H2CO3, HC03-, C032-, H+, OR 
with [H2CO3*] _ [C02. aq] + [H2CO3] 
Egulibrium constants: 
K= [C02(aq)] / [H2CO3] 
K1 = [H+] [HCO3-] / [H2CO3*] 
KH2CO3 = [H+] [HC032-] / [H2CO3] 
K2 = [H+] [C032-] / [HCO3-] 
[H'] [OH-] 
. 
Total concentration: 
CT = [H2CO3*] + 
[HCO3 1+ 0032-1 
Ionisation fractions: 
[H2CO3*] = ciao 
[HC03 ]= CTal 
[GO2- 
3]= CTU2 
K, K, K2 
ao = 1+ [H+] 
+ 
[H+12 
al . Kl 
+1+ 
[H+]2 
-1 
a- 
[H+]2 
+ 
[H+] 
+1 2 K, K2 K-, 
Buffer intensity: 
p=2.3x([H+]+[OH-]+C, (a, (ao+a, )+4a2(X)o) 
Reference: 
. and 
J. Morgan (1996): "Aquatic chemistry - chemical 
equilibria and 
Stumm, W 
rates in natural waters", 2nd edition, 
Wiley, New York. 
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